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Foreword 


This book is designed as an introduction to chemistry for anyone who wants to 
acquire a sound, basic knowledge of the subject. Whether you are tackling it for 
the first time, or are using the book for revision, you will find the detailed, self- 
teaching presentation of the material of the greatest help in following and 
understanding every stage of the course. 

The book covers most of the topics included in GCSE and BTEC First 
courses in chemistry and is therefore of especial value to students taking these 
courses. The text is divided into Units of study, each defined in its own area, 
with self-testing questions at the end of the Unit. At the back of the book 
(page 351) there is a comprehensive selection of questions taken from recent 
papers of British examining boards. 

For many years the main emphasis in the teaching of chemistry has increasingly 
been on the ‘discovery’ approach: students are encouraged to follow their 
natural spirit of inquiry and carry out experiments for themselves. This has 
culminated in the excellent work of the Nuffield Foundation, which is reflected in 
large areas of present-day teaching and in examination syllabuses. However, the 
aim of Success in Chemistry is to enable a student working alone to achieve a 
certain standard of knowledge and we realize it is unlikely that such a student 
will have a well-equipped laboratory at his disposal. The experiments in this book 
are, therefore, confined to those that are most practicable and can be safely carried 
out at home. The more complex experiments, of which the results are vital to the 
student’s understanding of a topic, are described in full and illustrated so that all 
processes can be followed in detail. 

We live in a world of changing scientific nomenclature, but the tendency is 
always towards international systematization. Throughout the text we have 
adopted the recommendations of the Association for Science Education, based on 
those agreed by the International Union of Pure and Applied Chemistry. These 
recommendations are followed after their introduction in Unit Three but 
references to the traditional style of nomenclature have also been given where 
appropriate. 


J.B. and P.H. 
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All the practical work described in this book has been performed many 
times safely and successfully. But almost any activity may involve risk 
if sensible precautions and reasonable care are not taken, or if instruc- 
tions are disregarded. The authors and publishers of Success in Chem- 
istry will not accept any liability whatsoever for damage or loss, includ- 
ing consequential loss, suffered or incurred by or inflicted upon any 
person, creature or property in the course or as a result of the perform- 
ance of any experiment or other practical work suggested in this book, 
nor will the authors and publishers accept liability for death, personal 
injury or loss resulting from failure to adhere strictly to the instructions 


set out in this book, or to seek advice and/or assistance as recommended 
in it. 
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Introduction 


Chemistry is a study of the properties of the materials of the world around us. 
Chemists look at and try to interpret changes in materials, from the simple 
burning of methane (natural gas) to the complex reactions taking place in the 
human body. At the same time they are also interested in energy changes 
which occur in chemical processes (many reactions in chemistry are carried 
out purely for the energy they yield). 

Another important aspect is the elucidation of the structure of materials 
and the identification of their constituents. Thus chemists are analysts, em- 
ploying both simple and complex techniques to determine the composition of 
every kind of substance. Applying their knowledge of existing structures, 
chemists are concerned with the discovery and development of new materials: 
drugs, dyestuffs, detergents, synthetic fibres and plastics are familiar 
examples. 

Look around and you will see that almost everything is either connected 
with the chemical industry or has been treated with the products of that 
industry, e.g. the paper and ink used for printing this book, the glass in 
windows, the cement and paintwork of buildings, and the crops in the fields. 


Nomenclature Used in this Book 
In general the recommendations set out in the report Chemical Nomenclature, 
Symbols and Terminology for Use in School Science (The Association for 
Science Education, 3rd edition, 1985) have been adopted. Where the re- 
commended name for a substance is fundamentally different from the common 
name, the latter is given in parentheses after the recommended name. For 
example: 

(a) dilead(i) lead(1v) oxide (red lead); 

(b) ethanoic acid (acetic acid); 

(c) sodium chlorate(1) (sodium hypochlorite). 

The concept of oxidation number required for this nomenclature is ex- 
plained in Section 3.4. 


Units in Chemistry 

For their GCSE examination syllabuses most examining boards now re- 
commend the use of SI units (Systéme International d'Unités), subject to cer- 
tain qualifications. The recommendations set out in the report S/ Units, Signs, 
Symbols and Abbreviations for use in School Science (The Association for 
Science Education, 1981) have been substantially adopted as far as they apply 
to these syllabuses. These are summarized below. 
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Quantity Unit Abbreviation 
Length metre m 
" centimetre cm 
kilometre km 
i Mass kilogram kg 
gram g 
Amount of substance mole mol 
Time second s 
Area square metre m? 
Square centimetre cm? 
| Volume cubic metre m? 
cubic decimetre dm? 
cubic centimetre cm? 
Density kilogram per cubic kg m? 
metre 
gram per cubic gem? 
centimetre 
Electric current ampere A 
Charge coulomb C 
Electromotive force volt V 
Resistance ohm Q 
Force newton N 
Work 
Energy k 
Potential energy joule J 
Kinetic energy 
= 
Temperature: 
common degree Celsius °C 
thermodynamic kelvin K 
(absolute) 
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Quantity Unit Abbreviation 


newton per square Nm? (Pa) 


Pressure 
metre (pascal) 


Avogadro constant number per mole mol! 
Faraday constant coulomb per mole C mol! 
Writing of Abbreviations 


(a) when two or more unit symbols are combined to indicate a derived unit, a 
space is left between them, e.g. Js; 

(b) when unit symbols are combined as a quotient (the unit resulting from the 
division of one unit by another), e.g. kilogram per cubic metre, they are 
written kgm ?; 

(c) a full stop is not written after symbols for units (except when they are at the 
end of a sentence). 


Relationship between Units 
The following relationships may be of use in helping to understand the metric 


system: 


Multiple Prefix Symbol 

— 
10? or 1 000 000 000 giga- G 
10° or 1000000 mega- M 
10? or 1000 kilo- k 
10-1 or 01 deci- d 
10? or 0:01 centi- c 
10? or 0:001 milli- m 
107 or 0-000 001 micro- H 
10-? or 0-000 000 001 nano- n 
10-!? or 0-000 000 000 001 pico- p 

| 
N.B. 1m = 100cm 
1 m? = 100x 100 cm? = 10000 cm? 


1 m? = 100x 100 x 100 cm? = 1000000 cm? 


Although the basic SI unit of volume is the cubic metre (m?), gas and liquid 
volumes are more conveniently measured by the cubic centimetre (cm?) and the 
cubic decimetre (dm?). Note that, since 1 dm = 10cm, 1 dm? = (10 cm)? = 
1000 cm?. 
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Unit One 
The Nature of Matter 


MATTER 


PURE SUBSTANCES 


MIXTURES 


Elements Compounds 


Filtration 
Distillation Particulate nature 
Sublimation Matter in motion 
Evaporation Electrical nature 
Chromatography Atomic structure 


1.1 What is Matter? 


Matter is anything that occupies space and possesses weight. The amount of 
matter contained in any object is known as its mass. 

Matter is ‘concrete’ in that it can be seen, tasted, smelled, or felt. Even colour- 
less, odourless gases have weight. 

The matter we encounter every day is almost always a complex mixture of 
various substances. The air we breathe is a mixture of more than five gases; 
petrol is a mixture of several substances; all living things are extremely compli- 
cated mixtures of almost countless numbers of different substances. 

A substance can be defined as a material all parts of which are chemically 
identical and all samples of which have the same composition. 

Common examples of pure substances used in everyday life are distilled water 
for car batteries, copper used in electrical wiring, and washing soda crystals. All 
samples of any one of these—however they may have been prepared—are 
identical. 
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1.2 Changes of State 


Energy in its various forms, e.g. mechanical (kinetic and potential), heat (thermal), 
atomic, electrical, magnetic and chemical, contrasts with matter in that it is 
abstract instead of concrete. Energy interacts with matter in many different and 
interesting ways, and a major portion of the chemist’s time is spent in studying 
these interactions. 

All substances exist in three different physical states: solid, liquid and gas. 

A solid has a definite shape and distinct boundaries. 

A liquid has a definite volume and takes up the shape of its container. 

A gas takes up the shape and the volume of its container. 

At normal temperatures copper is generally regarded as being a solid, 
water a liquid and oxygen a gas, but if the temperature is altered they can exist in 
different states. Which state a substance happens to occupy at any particular 
moment is governed by the energy it contains. If we alter this energy, by heating or 
by cooling, we can change the state of the substance. 

A familiar change of state is that which occurs when a solid (e.g. the wax ina 
candle) melts and becomes a liquid. Other examples are vaporization, the change 
from liquid to gas; freezing, the change from liquid to solid; and condensation, 
the change from gas to liquid. 


Melting Point 

If a pure solid is heated it changes into a liquid at a particular temperature (pro- 
vided no decomposition occurs). The temperature at which this change of state 
from a solid to a liquid occurs is called the melting point. The liquid will solidify 
again on cooling, and the temperature at which the liquid changes to a solid is 
called the freezing point: it is identical with the melting point. 


Experiment 1.1 Determination of a melting point 

A sample of 1,4-dichlorobenzene is placed in an ignition tube or small test tube. 
(1,4-dichlorobenzene, also known as para-dichlorobenzene, is widely used as a 
moth repellent; in fact a fragment of a moth-ball will serve as an acceptable 
substitute in this experiment.) The ignition tube is attached to a thermometer 
(110*C) by means of a rubber band and placed in a large boiling tube of water 
(Fig. 1.1). The water is heated over a bunsen burner, using a tripod and gauze, 
stirring carefully with the thermometer and making sure that no water enters the 
ignition tube. The solid is observed as the temperature of the water slowly rises. 
Record the temperature at which the sample melts. 

Devise a method for the determination of the freezing point of 1,4-dichloro- 
benzene. The melting point and freezing point should be identical: if they differ, 
the liquid may have cooled below its freezing point without any crystals forming. 
This is called supercooling and can often be avoided by effective stirring. 


Boiling Point 


Ifa pure liquid is heated, its temperature rises, Eventually a point is reached where 
the addition of heat produces no further rise in temperature, because all the energy 
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Thermometer: 


Stirrer 


Ring of rubber 


Melting-point tube 
1,4 -dichloro — 
benzene 


Water in 
Foiling tube 


Heat 
Fig.1.1 Apparatus used for the determination of melting points 


supplied in heating is used to change the liquid to vapour. This temperature is 
called the boiling point of the liquid. 

Evaporation is a process similar to boiling, but it occurs at any temperature 
(below the boiling point) and takes place only from the surface of the liquid. 
After a shower of rain, pools of water on the road disappear owing to evaporation. 
The process is accelerated by wind and higher temperatures. 

The three states of matter and the various processes by which they are related 


Addition of heat > 


Melting Vaporization 


Condensation 


Freezing 


‘Sublimation 


< Removal of heat 


Fig. 1.2 The three physical states of matter 
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are shown in Fig. 1.2. Sublimation is the direct change of state from a solid to 
a gas, or from a gas to a solid, without first becoming a liquid. 


1.3 Mixtures and Pure Substances 


The terms ‘pure substance’ and ‘mixture’ need to be explained in a little more 
detail. 

A pure substance can be a chemical element or a chemical compound. Elements 
are the basic units of all matter. They cannot be formed from simpler substances 
or broken down into simpler forms of matter. Chemical compounds are formed 
when two or more elements combine together. For example, sodium (a soft, 
shiny, very reactive metal) and chlorine (a greenish, choking, poisonous gas) 
are both elements; they combine together to form white crystals of the chemical 
compound called sodium chloride, which we use in everyday life as common 
salt. 

Sometimes a chemist’s work involves the separation of mixtures containing two 
or more substances not chemically joined together. Methods of separation 
depend on the individual physical properties (e.g. boiling point, hardness, 
solubility) of the components of the mixture. The following examples illustrate 
the use of some of these physical properties in the separation of mixtures. 


1.4 Filtration 


We expect our car to perform satisfactorily under all conditions, and we take it 
for granted that the water we drink is pure. Solid material has been removed 
from engine oil, dirt from the air used in the car engine and solid particles from 
drinking water by a process called filtration. This is a method of separating a solid 
from a liquid (or a solid from a gas) by passing the mixture through a filter. The 
filter consists of a porous material (such as paper or glass wool or fine gravel) 
bes prevents solid particles from passing through but does not retain the 
iquid. 

Rock salt obtained commercially contains common salt (sodium chloride) 
contaminated with sand and other earthy impurities. On stirring rock salt with 
water the sodium chloride seems to disappear while the earthy impurities remain 
unaffected. The sodium chloride has dissolved in the water forming a solution. 

In any solution the dissolved substance is called the solute, and the substance 


in which it is dissolved is called the solvent. The solute and solvent cannot be 
separated by filtration. 


Experiment 1.2 Separation of salt and sand 

A teaspoonful of impure rock salt is stirred into a beaker of warm water. (If rock 
salt is not available, a mixture of sand and common salt may be used.) The 
suspension is filtered into a beaker or test tube, as shown in Fig. 1.3. The clear 
colourless solution (called the filtrate) obtained in the test tube contains the salt; 
the sand and other impurities remain behind on the filter paper. Salt crystals can 
be obtained by warming the filtrate or by allowing it to stand for several days. 
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Filter paper. 
Liquid decanted 
on to filter 
paper 
Folded 
filter paper 
(o) j] Funnel 
de | | b 
(b) (c) ò 
e Filtrate 
(d) 


Fig. 1.3 Filtration in the laboratory, using a funnel and filter paper 


Industrial applications of filtration processes are wide-ranging and important. 
They include not only the separation of liquid/solid mixtures, but also the 
removal of solids from gas samples. 

(a) Domestic water supplies are filtered through a layer of sand and gravel ina 
filter bed (Fig. 1.4) before final purification. 


‘Water percolating 


—— 


Fig. 1.4 Filtration of drinking water 


(b) In the Solvay process (described in Section 14.5) for the manufacture of 
sodium carbonate, the precipitated sodium hydrogencarbonate is filtered by 
suction through flannel stretched on a slowly rotating cylindrical frame. 
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(c) A vacuum cleaner filters dust from the air. The dust particles are trapped 
in a fabric or paper bag, while the purified air passes through. 

(d) In a car engine, the air is filtered through an oil-impregnated pad. Solid 
particles in the engine oil, which would cause excessive engine wear, are removed 
by a separate oil filter. 

(e) In many industrial processes which require extremely pure, clean gases, 
dust is removed using electrostatic precipitators (Fig. 1.5). The dust particles 
become electrically charged and are attracted on to wires of opposite charge. 
Periodically the current is switched off to permit the dust, now in lumps, to fall 
to the bottom of the chamber. 


© © 


Insulators, 


z4—— Dust-laden 
gases in 


Charged wires 


Insulators 


Dustfree ~— 
gases out 


Dust collects 


Dust removed 


Fig. 1.5 Electrostatic precipitation of dust 


1.5 Distillation 


Distillation can be used to sep: 


à : arate a volatile substance (i.e. one which evaporates 
fairly readily) froma non 


-volatile substance. It consists of the two basic processes 
sation. For example, impure water can be purified by 
e ordinary impurities in water are dissolved solids which 
impure water is heated to make it boil, its vapour is 


distillation because th 
are non-volatile, The 
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collected and cooled. As it cools, the vapour condenses into pure distilled 
water. The non-volatile solid impurities remain behind. 


Thermometer 


Clamp 
water out 
Distillation 
flask 


Cold water in è 


Distilled water S 


Fig. 1.6 Laboratory apparatus for distillation 


Fractional Distillation 

Fractional distillation is similar to the simple distillation described above, except 
that a fractionating column is fitted between the distilling flask and the condenser. 
This process is used to separate two or more volatile liquids which have different 
boiling points. The fractionating column is a tube with an irregular interior, e.g. a 
glass column packed with glass beads, which exposes a large cooling surface to 
ascending vapours. Some condensation occurs as the vapours cool. 

On heating a mixture of, for example, benzene (boiling point 80°C) and 
methylbenzene (toluene, boiling point 110 °C), the liquid mixture boils and its 
vapour rises into the fractionating column. This vapour mixture contains a 
higher proportion of the more-volatile benzene than methylbenzene. Both 
vapours begin to condense in the fractionating column, the methylbenzene 
more easily than the benzene. Thus the higher the vapour mixture rises in the 
column, the richer it becomes in benzene. Finally, at the top of the column, 
pure benzene can be collected. 


Industrial Applications of Distillation 

(a) Crude oil as obtained from the ground is not suitable for use. It is a mixture 
of many liquids which must be separated by several processes, the more important 
of which is fractional distillation (see Unit 11). 

(b) On being cooled to a very low temperature, air can be liquefied. This 
liquid is a mixture containing mainly nitrogen and oxygen. Liquid nitrogen has 
a lower boiling point (and is therefore more volatile) than liquid oxygen. On 
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Water out 


Fractionating column 


packed with glass beads Water in 


Benzene — EE 


Mixture of benzene and methylbenzene (toluene) 


Fig. 1.7 Separation of a benzene|methylbenzene (toluene) mixture by 
fractional distillation 


fractional distillation, the nitrogen is collected from the top of the column while 
the oxygen concentrates at the bottom. 

(c) Distillation is a major process in the manufacture of spirits such as whisky, 
gin, rum and brandy. It serves both to separate the spirit from the raw materials 
and also to ‘strengthen’ it, the distillate (i.e. condensed vapour) having a higher 
percentage of alcohol than the original alcohol/water mixture. 


1.6 Sublimation 


When shiny black iodine crystals are heated gently they do not melt: instead they 
pass from the solid directly to the vapour state. On cooling, the purple vapour 


condenses to the solid without any liquid appearing. This process is called 
sublimation. 


Experiment 1.3 Sublimation of iodine 
A few crystals of impure iodine are placed in a conical flask (see Fig. 1.8), and the 
ask is heated very gently over a burner. First, a purple vapour is observed, and 
en small black lustrous crystals are seen forming on the water-cooled inner 
. The iodine passing directly from solid to gas has sublimed. 
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—=—Cold water in 


Hole in bung to prevent 
pressure build-up 


lodine crystals 


Purple iodine vapour 
Solid iodine 


Heat 


Fig. 1.8 Sublimation of iodine 


Experiment 1.4 Sublimation of ammonium chloride 

A little white solid ammonium chloride is placed in an evaporating basin, and a 
funnel is inverted over it (see Fig. 1.9). When the basin is heated gently a white 
vapour is observed and white crystals of ammonium chloride form on the inside 
of the funnel. The ammonium chloride has sublimed. 


1.7 Chromatography 


Chromatography is the technique of separation and identification of mixtures 
by a moving liquid (the so/vent) on an absorbent material such as filter paper or 


— Inverted funnel 


Ammonium chloride 


Evaporating basin 


Heat 
Fig. 1.9 Sublimation of ammonium chloride 
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blotting paper. A drop of a solution of the mixture is placed near one end of a 
strip of filter paper, and allowed to dry. Solvent is then allowed to flow along the 
paper, dissolving the mixture as it goes. Separation of the components takes 
place because each pure substance moves at a different rate. 


Experiment 1.5 Simple demonstration of chromatography 

Two parallel cuts are made from the edge of a circle of filter paper to near the 
centre so as to produce a ‘wick’ about 1 cm wide (see Fig. 1.10). A single drop of 
black ink is placed at the centre of the paper and allowed to dry. The filter paper 
is then arranged as shown, with its wick dipping into water in an evaporating 
basin. The ‘chromatogram’ should be left undisturbed to develop. 


Solvent reaches here 
Fold down 


Cut here 


Filter paper 


(a) (c) Completed chromatogram 
Filter paper. 
~ 


Wick dipping 
in solvent 


Evaporating 
basin 


Fig. 1.10 Simple demonstration of chromatography 


The effectiveness of the separation varies according to the solvent used in the 
evaporating basin. Determine the most suitable solvent mixture by developing 
chromatograms using methylated-spirit/water mixtures of varying proportions. 


Experiment 1.6 Separation of pigments from grass 

Small pieces of grass (or spinach) are ground with a little methylated spirit, and 
the resulting green liquid is filtered. The methylated spirit dissolves the pigments 
(chlorophylls, xanthophyll and carotene) from the grass. A chromatogram, using 
methylated spirit as the solvent, is now made and left to develop. The outer orange 
band is xanthophyll and the green band contains the two chlorophylls. If methyl- 


benzene (toluene) is used as the solvent, an inner orange ring of carotene can be 
seen. 
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1.8 The Particulate Nature of Matter 


So far we have seen that matter is composed of mixtures of pure substances, and 
we have investigated ways in which mixtures can be separated into pure 
substances. Let us now look more closely at pure substances. 

We are faced with two entirely different ideas concerning the nature of matter. 
One suggests a continuous structure in which matter is infinitely divisible. The 
other proposes a ‘particulate’ structure in which the fundamental particle cannot 
be divided without altering the nature of the material. There is a considerable 
weight of scientific evidence in support of the latter idea, that all matter is 
composed of very small particles called atoms. All atoms of one element are alike, 
but they differ from those of any other element. Two or more atoms may 
combine to form a molecule. 

Probably the most important piece of evidence to support the particulate 
nature of matter comes from the study of crystals. 


1.9 Crystals 


Most solid substances exist in a definite geometrical fczm—although a magnify- 
ing glass or microscope is often required to see this. Such substances are said to 
be crystalline, and the individual units of which they are composed are called 
crystals. Among the many examples of crystals which can be seen in the 
laboratory and in the home are the cube-like crystals of common salt (sodium 
chloride), blue crystals of copper sulphate, and the fern-like crystals of zinc which 
can be seen on the surface of galvanized iron. Different crystals of the same 
substance may not at first sight appear to be the same shape, but the angles 
between the faces remain constant. This can be illustrated by studying large 
crystals of substances such as quartz or calcite. 

These regularities in crystal form are indications of an orderly arrangement 
based on particles from which matter is composed. The symmetry of crystals, the 
way crystals grow and the way they cleave, give confidence in a particulate idea. 
This orderliness of crystals can be illustrated by two simple experiments. 


Experiment 1.7 Growth of crystals 

A glass 35 mm slide is smeared with a drop of ammonium chloride solution and 
placed in a projector so that a magnified image of the smear can be viewed on 
a screen. The solution becomes more and more concentrated as the heat from 
the projector lamp warms the slide. Needle-like crystals of ammonium chloride 
eventually appear and their growth can be observed. 


Experiment 1.8 Cleavage of crystals 

Using a single-edged razor blade, attempts are made to split crystals of calcite, 
copper sulphate or an alum. This is done by striking the reinforced upper edge 
of the blade with a small hammer. It will be noticed that a crystal cleaves easily 
in certain directions, producing smaller identically shaped pieces, while cleavage 
in other directions is very difficult. 
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This regularity in crystal structure can be best appreciated by considering that 
matter is particulate in nature. Is it possible to estimate the size of these particles? 


1.10 Size of Particles 


A drop of oil poured on to water spreads out as far as possible and makes an 
extremely thin film. Chemists suggest on evidence that this film is one molecule 
thick. In the following experiment a very small measured drop of oil is placed ona 
clean water surface and the diameter of the oil patch is measured. The thickness 
of the film, which is an estimate of the size of an oil molecule, can then be 
calculated. 


Experiment 1.9 Estimation of molecular size 
This experiment only aims to give the order of magnitude of the quantity 
measured. 

A loop of very thin steel wire is dipped into a sample of olive oil to collect a 
small drop (Fig. 1.11a). Excess oil is removed from the wire using filter paper. 
The diameter of the drop on the loop is measured using a 2 cm scale fitted with a 
magnifying lens (Fig. 1.115). With practice a drop 3 mm in diameter can be 
obtained. 


Card 


(a) 


Wire taped to card 


Excess oil 


Oil drop 
(volume = E xm x radius?) 


(b) 


Oil drop 
G mm diameter) 


[see enne cm scale 


Fig.1.11 Measuring the volume of an oil drop 
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A large waxed tray is filled with water to the brim and the surface is dusted 
with lycopodium or talcum powder. The drop of oil is transferred from the loop 
to the water by touching the lower end of the loop to the water surface (Fig. 1.12). 
Measure the diameter of the circular oil film produced. 


Oil drop being touched 
to water surface 


Metal tray Powder pushed Circular oil film 
(waxed inside) to sides of tray (area = mx radius“) 


Fig. 1.12 The oil-film experiment 


Results 
Diameter of small drop on loop = 0-05 cm 
radius of small drop on loop = 0-025 cm 
volume of small drop on loop = $x 1 x 0:025? cm? 
Diameter of oil film on water — 20 cm 
radius of oil film on water — 10 cm 
volume of oil film on water — z x 10? x thickness 
Volume of film on water — volume of oil drop on loop 
nx 10? x thickness = $ x 1x 0:025? 
4x 0:025? 
3x10? 
= 0-000000 2 cm 


.. thickness = 


Thus our estimate of the length of one molecule of olive oil is 0-000 000 2 cm. 


The evidence from experiments such as this suggests that matter is particulate, 
and that the particles are extremely small. The particles could either be at rest (a 
‘static’ theory), or they could be in continuous movement (a ‘kinetic’ theory). 


1.11 Matter in Motion 


In a still room on a sunny day, dust or smoke particles are clearly visible in the 
air. They appear to be moving continuously in a completely haphazard way. A 
similar effect can be seen when cigarette smoke trapped in an illuminated glass 
container is viewed under a microscope. These and similar observations are 
consistent with the theory that invisible gas molecules in the air are moving about 
at high speed and jostling the larger dust particles. 
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Experiment 1.10 Demonstration of Brownian motion 

A small drop of black printing ink is placed in water and observed under the high 
power of a microscope. The black particles are seen to be in irregular motion. 
The smaller black particles move in a more rapid and haphazard way. This 
constant, random, jerky motion can be explained by the large carbon particles of 
the ink being continually buffeted by enormous numbers of water molecules. 
Each single collision would have so small an effect as to be undetectable, but the 
imbalance produced by large numbers of collisions could produce the irregular 
motion observed. 


This important type of observation in the elucidation of the structure of 
matter was first described by Robert Brown (1827) looking at pollen grains in 
water, and is thus referred to as Brownian motion. This movement is caused by the 
continuous irregular bombardment of the large particles by the smaller 
molecules of the surrounding medium. 

Further evidence in support of this particulate motion comes from the 
phenomenon of diffusion. 


(a) Diffusion in solids. With the development of extremely sensitive methods of 
analysis it has been found that when two metals are kept in very close contact 
over a long period of time, particles of each metal have migrated into the other. 
This can be explained if we assume that the metal particles are in motion, however 
slight, so that some drift from one metal to the other can occur. 


(b) Diffusion in liquids. Movement of particles in a liquid can be illustrated 
by the following experiment. 


Water 

Migration of 
Copper sulphate 
upwards 

Copper sulphate 

solution 
Migration of 
Copper sulphate 
downwards 


Sugar solution 


Fig.1.13 Diffusion of copper sulphate in solution 
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Experiment 1.11 Diffusion of copper sulphate in solution 

A very concentrated solution of sugar is poured into a gas jar until the jar is one- 
third full. A fairly concentrated solution of copper sulphate is carefully poured on 
to the sugar without allowing the two solutions to mix. A further layer of water is 
then poured on to the copper sulphate solution (see Fig. 1.13). Initially the 
boundaries between layers are sharp, but after a time it is seen that the blue 
copper sulphate is migrating both upwards and downwards. This observation is 
only explained by a kinetic theory. 


(c) Diffusion in gases. If the cover is removed from a jar containing hydrogen 
sulphide, the unmistakable ‘rotten-egg’ smell of this gas can quickly be 
detected throughout the laboratory: surely strong evidence in favour of a kinetic 
theory. 


Experiment 1.12 Diffusion of bromine 

Liquid bromine is dark red in colour and evaporates spontaneously to give a 
heavy red-brown vapour. Bromine is extremely corrosive and must be handled 
with great care. Using rubber gloves and working in a fume cupboard, a little 
liquid bromine is placed in a crucible standing on a glass plate. A gas jar is 
inverted over the crucible. Notice the absence of colour in the jar. After a few 
hours the reddish colour of bromine vapour fills the jar—despite the fact that 
bromine is approximately five times as heavy as air. The bromine molecules have 
diffused throughout the air in the jar, clearly indicating that they are not static. 
In fact diffusion occurs whenever two or more gases come into contact. 


Thus we have seen that the particles of a gas, a solid and a liquid are not 
stationary but are evidently in a state of continuous random motion. The energy 
ina solid, liquid or gas is partly due to this motion of particles (kinetic energy) and 
partly due to the forces between the particles (potential energy). 


1.12 The Kinetic Theory of Matter 


Kinetic means ‘of movement’ and the kinetic theory of matter explains the 
properties of matter in terms of the movement of particles. It postulates that as the 
temperature rises, so does the kinetic energy. Thus the motion of the particles 
increases as the temperature rises. 

In a solid, the particles are extremely close together and this results in high 
density and incompressibility, i.e. the fact that high pressure has little effect on 
the volume. The highly ordered arrangement of the particles is called a lattice, and 
this leads to a regular geometrical shape in crystals of the solid. 

Consider what happens when energy (heat) is added to a crystal. Initially the 
solid expands, because the kinetic energy of the particles increases and the 
molecules, vibrating more strongly, take up more space. Eventually the particles 
vibrate so much that they leave their fixed positions and the solid melts, becoming 
a liquid. This liquid can be poured into a container and it will take up the shape of 
the container. The particles of the liquid have more kinetic energy than those of 
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the solid and do not have fixed positions in an ordered lattice (see Fig. 1.14). They 
are free to wander from one position to another. 

When a liquid is converted into a gas, its energy increases and the distance 
between the molecules increases approximately one thousand fold. There are only 
very weak interactions between molecules in the gas, and each molecule is free to 
move in continuous chaotic motion at great speed throughout its containing 
vessel. Molecules collide with other molecules and with the walls of the vessel. 
The constant bombardment of molecules on the walls exerts a steady force, and 
this is called the pressure of the gas. 


Gas (extremely disordered) 


Liquid (disordered) 


Crystals of solid (ordered) 


Fig. 1.14 Arrangement of molecules in the solid, liquid and gaseous states 


1.13 The Structure of Atoms 


The particulate Concept of matter which we have discussed in Sections 1.81.12 


(a) different materials when rubbed together generate electrical charge; 

(b) there are only two types of charge, which scientists call positive and 

negative. 

In the latter half of the 19th century and the beginning of the 20th century, the 
nature of the atom itself, its electrical properties and the idea that atoms might not 
be the ultimate particles of matter, became better appreciated. 

j Let us trace the development of scientists’ ideas concerning the structure of 
the atom. 
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Period 


Development 


1808 


1897 


1909 


1913 


1925 


1932 


Present 
day 


John Dalton developed the idea of a solid atom (a) 
as the fundamental building block of all matter. 


Sir J. J. Thomson carried out research at Cam- 
bridge on the discharge of electricity through gases. 
This led to the discovery of negatively charged 
particles called electrons (with charge —1) as 
constituents of all matter. He measured their 
charge-to-mass ratio, and described the atom as a 
solid sphere with electrons embedded in it (6). 


R. Millikan determined the charge of a single 
electron, thus enabling the mass of the electron to 
be calculated. 


Lord Rutherford, one of the greatest scientific 
experimenters, confirmed his idea that an atom 
consisted of a positively charged central nucleus in 
which was concentrated most of the mass. He con- 
cluded that there must be a large area of empty 
space around the nucleus in which electrons re- 
volved, their negative charge balancing the positive 
charge on the nucleus (c). The name proton was 
given to the basic unit of mass having a positive 
charge +1 and mass 1. Niels Bohr refined 
Rutherford’s model. He worked out fixed orbits 
for each electron around the nucleus based on the 
calculated energies of the electrons. 


Louis Victor de Broglie, a Frenchman, suggested 
that electrons could be regarded as waves. This 
leads to a charge-cloud picture of the atom (d) 
where the density of the cloud varies with distance 
from the nucleus. 


Sir James Chadwick discovered another nuclear 
particle with a mass similar to that of a proton, but 
which had no electrical charge. This was the 
neutron. Thus the model of the atom had to be 
extended to include neutrons as well as protons in 
the nucleus (e). 


Recent work has led to the discovery of many new 
particles in the nucleus of an atom, with the 
electrons pictured either by the ‘charge-cloud’ 
model or the ‘orbital’ representation. 


(b) ?Plum-duff" or 
Curront-bun atom 


Nucleus with protons 


(c)'Solor-system' atom 


Electron chorge cloud 


(d) Chorge-cloud atom 


Electron orbits 
Nucleus 


(e) Nuclear atom containing 
protons and neutrons 


al Arg 
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For our purposes, however, the atom can be considered as follows: 
(a) a small central nucleus, containing 
(i) protons (charge +1, mass 1) 
(ii) neutrons (charge.0, mass 1) 
(b) electrons (charge — 1, mass 4385s that of a proton) which may be pictured as 
either (i) particles orbiting the nucleus in definite paths 


or (ii) clouds of charge enveloping the nucleus. 
Particles within the nucleus of an atom are collectively called *nucleons'. 


1.14 How Heavy are Atoms? 


Mass and weight. A piece of metal weighing one kilogram on the earth would 
weigh much less on the moon, because the moon is smaller than the earth and has 
less *pull' for the object. Weight is the result of the attraction of the earth's (or the 
moon's) gravity on an object and this will vary from place to place and indeed 
from planet to planet, whereas mass is dependent upon the quantity of matter in 
a substance and will not vary. Chemists are interested in reacting masses and these 
are obtained on a beam balance by comparison with a standard mass. Because 
the mass of an object remains constant it is more meaningful to speak of its mass 
than its weight. 


Atomic Number and Mass Number 
In the world of the atom the standard mass is the mass of the proton (1 unit) and 
the masses of the neutron and the electron can be compared with this standard. 
Obviously the mass of an atomic nucleus depends on the number of protons and 
neutrons it contains. The number of protons in the atomic nucleus is called the 
atomic number and is denoted by the symbol Z; the sum of the protons plus the 
neutrons in the nucleus is called the mass number, and is denoted by the symbol A. 
In the neutral atom the number of protons in the nucleus is equal to the number 
of electrons outside the nucleus (in fact all the electrons are outside the nucleus). 
The chemical behaviour of an atom depends to a very large extent on its electrons. 
Thus all atoms with the same atomic number are alike in chemical behaviour 
because they have the same number of electrons. 

An element can now be defined as a substance consisting entirely of atoms of the 
same atomic number. There are at present more than 100 different elements (in- 
cluding some that are man-made) from which all matter is composed. 


Isotopes 

The number of neutrons present in the nucleus of an atom makes no difference to 
the atomic number or to the chemical behaviour. But the number of neutrons will 
affect the mass of individual atoms. For example, all carbon atoms (atomic 
number 6) contain six protons, and the majority (98-93%) contain six neutrons: 
their mass number is therefore 6+6 = 12. A few carbon atoms (1:07%) have six 
protons and seven neutrons, yet they still behave chemically as carbon atoms: 
their mass number is 6+7 = 13. Atoms of the same element having different 
numbers of neutrons are called isotopes of that element. In other words, isotopes 
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have the same atomic number Z but differ in mass number A. The isotopes of 
hydrogen are shown in Fig. 1.15. 


1 electron 1 electron electron 
1 proton 1 proton Tproron 
Hydrogen Atomic number 1 3 utron neutrons 
eae Mass number 1 Deuterium (heavy hydrogen) Tritium Atomic number 1 
(1H Protium) (du) Atomic number 1 GH) Mass number 3 


Mass number 2 


Fig. 1.15 The isotopes of hydrogen 


Relative Atomic Mass 

Measured in grams, the mass of an atom is an extremely small and inconvenient 
fraction. It is therefore preferable to express atomic masses by comparing them 
with the mass of a ‘standard’ atom. The atom chosen nowadays as the standard 
for comparison is that of carbon-12, i.e. the most common isotope of carbon, 
which has a mass of 12 units. The atomic masses of all other elements are deter- 
mined relative to one-twelfth of the mass of this carbon-12 isotope. The term 
relative atomic mass replaces the term ‘atomic weight’ found in many older text- 
books. Modern techniques using a mass spectrometer enable relative atomic 
masses to be measured with great accuracy. 

From the way relative atomic mass is defined it might be thought that all 
elements would have whole-number masses. In fact atomic masses are rarely 
found to be exactly whole numbers. This is because most elements are composed 
of two or more naturally occurring isotopes, and the relative atomic mass takes 
into account the abundance of each isotope. For example, chlorine contains 
approximately 75% of an isotope with mass number 35, and approximately 25% 
of an isotope with mass number 37; consequently the relative atomic mass of an 
average sample of chlorine is 35-46. 


Chemical Symbols 
Each element has been given a chemical symbol consisting of either a single 
letter (e.g. C for carbon) or two letters (e.g. Cl for chlorine). The symbol represents 
one atom of an element. A table showing the symbols, atomic numbers and 
atomic masses is given in the Appendix near the end of this book. 

If the mass number A or atomic number Z of each element is required, it is 
conventional to place these two numbers in front of the chemical symbol: 


mass number, 
atomet umber CHEMICAL SYMBOL 


For example, the two isotopes of chlorine described above would be written 
î3CI and 35Cl. Similarly, !2C represents the carbon-12 isotope. 
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Summary of Unit 1 


1: 
2: 
3, 
4. 
5: 


6. 


14. 


Matter is anything which occupies space and possesses weight. 
The amount of matter contained in any object is known as its mass. 
Matter can exist in three states: solid, liquid and gas. 
A pure substance has a distinct melting point and boiling point. 
Most solids melt on heating but some sublime, i.e. change directly from solid 
to vapour without melting. 
Matter is composed of (a) elements, (b) compounds and (c) mixtures of 
elements and compounds. Y 
(a) Elements are the basic units of matter. They cannot be formed from 
simpler substances or broken down into simpler forms of matter. 
(b) Compounds are formed when two or more elements combine together 
chemically. 
Mixtures can be separated by physical techniques including: filtration, 
distillation, sublimation and chromatography. 


. A solution consists of one substance dissolved in another. The dissolved 


substance is called the solute, and the substance in which it dissolves is called 
the solvent. 

All matter is composed of very small particles called atoms. Atoms can com- 
bine to form molecules. 


. Evidence supporting the particulate nature of matter comes from a study of 


crystals. 


. An estimation of the very small size of a molecule can be obtained by 


measuring the area covered by a drop of oil when it spreads on water. 
Brownian movement and diffusion experiments support the idea that particles 
of matter are in a constant state of motion. 

The kinetic theory of matter explains the movement of particles. 

An atom has a small nucleus containing protons (mass 1, charge +1) and 
neutrons (mass 1, charge 0). 


. Electrons (mass igsc, charge —1) surround the nucleus. They may be 


represented either as a charged cloud or as particles orbiting the nucleus in 
definite paths. 


. Atomic number (Z) is the number of protons in the nucleus of an atom. 
. The mass number (A) of an atom is the sum of the protons and neutrons in the 


nucleus. 


. An element is defined as a substance consisting entirely of atoms of the same 


atomic number. 


. Isotopes of an element have the same number of protons, but differ in the 


number of neutrons. 


. Relative atomic mass of an element is the mass of an atom of that element 


compared with ;; the mass of a carbon-12 atom. 
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Test Yourself on Unit 1 


1. The following diagram refers to solid/liquid/gas phase changes. 


+heat 


es 


A 


B D 
Solid Liquid == Gas 


-heot 
Name the changes represented by A, B, C, D and E. 


2. The following techniques are all used for the separation of mixtures: evapora- 
tion, chromatography, filtration, fractional distillation and sublimation. Which of 
these is the most suitable technique for obtaining: 

(a) Sodium chloride from a solution of sodium chloride. 

(b) Benzene from a liquid mixture of benzene and methylbenzene (toluene). 

(c) Ammonium chloride from a white powder composed of ammonium 

chloride and sodium chloride. 

(d) Small pieces of metal from the engine oil of a car. 

(e) The different pigments from an extract of flower petals. 


w 


. Mark each of the following statements true or false. 
(a) It is assumed that the layer of oil in the oil-film experiment is one molecule 
thick. 
(b) The oil-film experiment gives the exact size of a molecule. 
(c) Diffusion experiments support the theory that particles of matter are in 
continuous random motion. 
(d) A study of crystals gives strong evidence that matter is particulate and 
not continuous. 


4. Link the following scientists with the discoveries which helped to make them 
famous: 


(a) Sir J. J. Thomson (i) Discovery of the neutron 
(b) Sir James Chadwick (ii) Wave nature of electrons 
(c) H. Becquerel (iii) Charge on a single electron 
(d) Lord Rutherford (iv) Discovery of the electron 
(e) R. Millikan (v) Discovery of radioactivity 


(f) Louis Victor de Broglie (vi) Discovery of the nucleus and proton 
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5. Complete the following table: 


6. What do the numbers in the symbol 33K indicate about the nucleus of the 
potassium atom? 


7. The following symbols refer to atoms of nitrogen: 
14N, UN 
Using these symbols, explain briefly the meaning of the term ‘isotopes’. 


Mark this test out of 30 with the answers provided on page 369. 


Unit Two 


The Organization of Matter 


Electron shells 
Energy levels 
Orbitals 


ELEMENTS 


Periodic Table 


COVALENT BOND 

Comparison of Bree covalent 
properties molecules 
Covalent 

macromolecules 


We have seen in Unit 1 that an atom is a particle of matter with clouds of electrons 
revolving about a small dense mass of protons and neutrons. Furthermore it has 
been mentioned that these planetary electrons are in some way responsible for the 
chemical properties of the atom. In this Unit we will look further into the role of the 
electrons, their arrangement around the nucleus, the organization of elements 
according to their electronic structure, and the ways in which atoms combine. 


IONIC BOND 


lonic crystals 


2.1 Electron Shells, Energy Levels and Orbitals 


Planetary electrons, regarded either as a cloud or as particles, can be considered as 
revolving in concentric rings or shells about the nucleus. The first shell, i.e. the shell 
closest to the nucleus, can hold 2 electrons. The second shell, at a greater distance 
from the nucleus, can hold 8 electrons; the third can hold 18 electrons, and so on. 

In general, the number of electrons in each filled shell is given by the formula 
2n?, where n is the number of the shell. 


Number of shell, n 1 2 3 4 


E 2x? 2x2 2x3 2x4 


| Number of electrons 2 8 18 32 
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Nucleus 


32 8 82 


Electron 
shells 
(energy levels) 


Fig.2.1 Electron shells of an atom 


Planetary 
electrons 
Nucleus 
Nucleus 
Electron 
orbits 


clouds 


Fig. 2.2 Representations of an atom: (. top) flat two-dimensional model ; 
(left) charge-cloud model ; (right) three-dimensional model 


No one diagram presents an exact picture of the atom with its electrons, and 
three of the different representations that have been used are shown in Fig. 2.2. 
For many purposes, however, it is sufficient to illustrate the electron shells of the 


atom schematically, as shown in Fig. 2.3. 


It has been observed in the atoms of all elements that the electrons fill the shells 
in a systematic manner. The electrons in each shell are associated with different 
energies, and for this reason the shells or orbits are sometimes referred to as 
energy levels. In filled energy levels the electrons are associated in pairs. The shell 
nearest to the nucleus is the lowest energy level and electrons fill this shell first. 
Since these electrons are closer to the nucleus than those in other higher energy 
levels, they are held more tightly and are therefore more difficult to remove. 
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Fig. 2.3. Schematic representation of the electron shells of an atom 


Distance from the 


When the nearest shell contains two electrons it is filled and further electrons 
begin to enter the next energy level, the second shell. 

In the charge-cloud picture of the atom, the electrons are thought of as clouds 
of electricity which have different shapes. Each type of cloud has a specific energy 
value. These clouds of electricity around the nucleus are called orbitals. 

Regardless of whether we think of them as occupying shells or orbitals, the 
electrons in atoms have different energies depending on their distance from the 
nucleus. These energies determine which energy level or shell the electrons may 
occupy. 


2.2 The Elements 


It is now possible to give the electron structure of the elements showing their 
electron shells and atomic number. A list of the first 20 elements is given in Table 
2.1 and a full list is given in the Appendix. 


Table 2.1 Electronic structure of the elements hydrogen to calcium 


Atomic Shell number 
number as UT l| wo 155. 4 
1 Hydrogen H 1 
Helium He 2 
3 Lithium Li 2 1 
4 Beryllium Be 2 2 
5 Boron B 2 3 
6 Carbon C 2 4 
7 Nitrogen N 2 5 
8 Oxygen (0) 2 6 
9 Fluorine F 2 7 
10 Neon Ne 2 8 
11 Sodium Na 2 8 1 
12 Magnesium Mg 2 8 2 
13 Aluminium Al 2 8 3 
14 Silicon Si 2 8 4 
15 Phosphorus P 2 8 5 
16 Sulphur S 2 8 6 
17 Chlorine cl 2 8 7 
18 Argon Ar 2 8 8 
19 Potassium K 2 8 8 1 
20 Calcium Ca 2 8 8 2 
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THE PERIODIC TABLE 


(An alphabetical list of the elements 


Atomic number Symbol 
Name 
1.008 
iH 
1 2 Hydrogen 


6.939 


3Li 


Lithium 


4Be 


Beryllium 


Tronsition metals 


40.08 


20Ca 
Calcium | Scandium 
37Rb 


87.62 
38Sr 
Rubidium | Strontium 
137.3 
seBa 
Caesium Barium 


(223) | (226) 
e:Fr 


Francium 


4790 
zeTi 


Titanium 


5494 


zsMn | eeFe 
Manganese Iron 
[^ 3] 


8547 92.91 


4iNb 


Niobium 


44Ru 
Molybdenum | Technetium | Ruthenium 
183.9 190.2 


74W 760s 


Tungsten Osmium 


178.5 
veHf 


Hofnium 


ssRa 


Radium 


138.9 140.1 
s;La | seCe 


Lanthanum Cerium Neodymium 
(227) 232.0 


esAc 


Actinium 


150.4 


eeSm 
Somorium 
(244) 


152.0 


esEu 


Europium 
(243) 


95Am 


Americium 


(237) 
93Np 


Neptunium 


s«Pu 


Plutonium 


soTh 
Thorium 


Protactinium| Uranium 


Fig.2.4 The periodic table. (For a list of the elements in alphabetical order, 

see the Appendix near the end of this book.) Some relative atomic masses are 

cited in parentheses to indicate that they refer to the most stable or best-known 
isotope of the element concerned. 
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will be found in the appendix) 


2698 
BAI 


Aluminium 


'ot 
3995 
ieAr 
Argon 
83.80 
ssBr seKr 
Bromine Krypton 


1269 131.3 


sal aXe 
Xenon 


587! 


eeNi esCu  |soZn 
Nickel 
1064 


Ne 
9. 
K 


31Ga 


Gallium 


Selenium 


n 
1124 ; 
asPd | a7Ag_ | ae8Cd 


Palladium Cadmium 
195.1 204.4 (222) 


7ePt all 


Platinum Thallium 


seTe 


Tellurium 


1573 158.9 162.5 164.9 168.9 173.0 175.0 
eaGd | esTb | esDy | e7Ho esTm | zoYb | 7iLu 


Gadolinium Terbium | Dysprosium Holmium Thulium Ytterbium | Lutetium 
(247) 


s; Bk 


Berkelium | Californium | Einsteinium | Fermium |Mendelevium 
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The main points to notice in Table 2.1 are as follows: 


(i) For the first 18 elements the electron is added to the outermost shell until 
the shell is complete. 

(ii) The innermost shell is filled when it contains 2 electrons. This first occurs 
in the element helium, with atomic number 2. 

(iii) Lithium (atomic number 3) is the first element to contain an electron in the 
second shell. This shell is completed when it contains 8 electrons, represented by 
the element neon (atomic number 10). 

(iv) The third shell can contain 18 electrons. However, the fourth shell begins 
to fill before the third shell is complete. Thus the element potassium (atomic 
number 19) has one electron in the fourth shell and only eight electrons in the 
third shell. 

(v) The maximum number of electrons in the outermost shell is never more 
than eight. 


If, as suggested in Section 1.13, the chemical properties of an element are related 
to its electronic structure, it would seem probable that any regularities, or 
periodicity, in electronic structure should lead to regularities, or periodicity, in 
chemical properties. This is in fact true, and it can be demonstrated by arranging 
the elements systematically. 


2.3 The Periodic Table 


A Russian chemist, Dmitri Ivanovich Mendeleev, in 1869 first produced a table 
showing this regularity or periodicity of elements. He stated that ‘the elements, 
if arranged according to their atomic weight, show a distinct periodicity of their 
properties’. Using this table Mendeleev was able to forecast the existence and 
properties of several undiscovered elements; a truly remarkable step. 

Today we arrange elements in order of ascending atomic number with elements 
having similar properties and electronic structures at regular intervals. This is 
the periodic table of the elements and is shown in Fig. 2.4. 

Horizontal rows of elements are called periods. 

Vertical columns of elements are called groups or families. 


Periods 
Period 1 contains 2 elements only. 

Periods 2 and 3 each contain 8 elements and are called short periods. They have 
one unfilled shell. 

Periods 4, 5, 6 and 7 are called /ong periods. They contain additional sets of 
elements called ‘transition’ elements. For example, the first long period (period 4) 
contains 18 elements. It begins in the same way as periods 2 and 3 but contains 10 
distinctly different elements produced when the third shell, already containing 
8 electrons, increases from 8 to 18. These are the transition elements scandium 
(atomic number 21) to zinc (atomic number 30). They have some similarities in 
properties because of their similar outer electron structure. 
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Groups or Families 
The elements within a group of the periodic table show marked chemical simi- 
larities with a gradation of properties. 

The group on the extreme right of the periodic table (see Fig. 2.4) is interesting 
because of the reluctance of the elements in this family to undergo chemical 
reactions. Their electronic structures are shown in Table 2.2. 


Table 2.2 Electronic structure of the noble gases 


Atomic Shell number 

number i iioc I Vai. Me EE AC 
2 Helium He 2 

10 Neon Ne 2 8 

18 Argon Ar 2 8 8 

36 Krypton Kr 2 8 18 8 

54 Xenon Xe 2 8 18 18 8 
86 Radon Rn 2 8 18. .32: 18 8 


This chemically unreactive family of elements is called the noble gases. The 
outer shell of each of these elements is either filled, as in the case of helium and 
neon, or contains an ‘octet’ of eight electrons. It seems, therefore, that such an 
electronic structure is associated with chemical stability. 

The family of elements on the extreme left of the periodic table is called the 
alkali metals. They all have one electron in the outer shell (see Table 2.3), and 
show remarkable chemical similarity. 


Table 2.3 Electronic structure of the alkali metals 


Atomic Shell number 

number Name a ee NS ea 
3 Lithium Li 2 1 

11 Sodium Na INE 1 

19 Potassium K 215.8 8 *41 

37 Rubidium Rb 2 8 18 8&1 
55 Caesium Cs 2^. 8 18 18 8 1 


Another interesting and important family of elements is the halogens. They 
each contain seven electrons in their outer shell, as shown in Table 2.4. 


2.4 The Nature of the Chemical Bond 


Elements are held together by forces which are called bonds. Some bonds are 
strong and require much energy to break them, while others are comparatively 
weak. Chemical reactivity, i.e. the ease of making and breaking bonds, is often 
the result of atoms trying to attain a more stable configuration of electrons. 
The most stable electronic configuration of all is the ‘noble-gas’ structure 
with its outer shell of eight electrons. There are essentially two ways in which 


34 Success in Chemistry 


Table 2.4 Electronic structure of the halogens 


Atomic Shell number 

number id a ee ie ae a 5 4 
9 Fluorine F 2 7 

17 Chlorine Cl 2 8 7 

35 Bromine Br 2 8 18 7 

53 Iodine I 2 8 18 18 7 
85 Astatine At 2 8 18 32 18 7 


other elements can achieve this stable electronic structure: (a) by electron transfer 
and (b) by electron sharing. 


2.5 The Ionic Bond 


An ionic bond (sometimes called an 'electrovalent bond) is formed by the 
complete transfer of electrons from one atom to another, resulting in the forma- 
tion of charged particles called ions. Atoms which have /ost electrons will have a 
Positive charge because the number of positive protons in the nucleus will out- 
number the remaining negative electrons. Such positively charged ions are called 
cations. Negatively charged ions are called anions, and are the result of atoms 
gaining electrons (see Unit 5). 

The alkali metals (Group 1 of the periodic table) have one electron in excess of 
a noble-gas structure, whereas the halogens (Group 7) all have a noble-gas 
structure less one electron. Consider the electronic structure of the sodium atom 
and the chlorine atom (Fig. 2.5). 


Energy 
levels 
(shells) 


Energy 
ST 
(shells) 
rapas ee - 
" 


Sodium atom Chlorine atom 
2.8.1 electrons 2.87 electrons 


Fig.2.5 Schematic representations of the electrons in a sodium atom and a 
chlorine atom 


When sodium metal is warmed gently with chlorine gas in a tube there is a 
vigorous chemical reaction, during which a white powder (sodium chloride) is 
formed. In this reaction one electron is transferred completely from each sodium 
atom to each chlorine atom, forming sodium ions and chloride ions (see Fig. 2.6). 
These ions now have the electron configuration of two noble gases, neon and 
argon. Both have a stable octet of eight electrons in their outer shell and show 
no further tendency to undergo chemical reaction. Furthermore these ions show 
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no resemblance to the original elements, sodium and chlorine. Whereas we 
started with two reactive elements—a metal and a poisonous gas—we now have 
an unreactive white powder—common salt—which is neither metallic nor 


poisonous. 


Sodium atom Chlorine atom 
(2.8.1) (2.8.7) 


afe session 
jaa nda] 


1 


Energy 
level 


[Sodium ion)” [Chloride ion] 
(2.8) (2.8.8) 
Fig. 2.6 Schematic representation of the reaction between sodium metal 
and chlorine gas 


This process of electron transfer can be conveniently represented as follows: 
Na > Na* +e 


and Cl+e > CI 


where Na represents an atom of sodium, Na* represents a sodium ion, Cl an 
atom of chlorine, Cl~ a chloride ion, and e is the symbol for an electron. 

Between any pair of electrical charges of opposite sign there is an ‘electro- 
static’ force of attraction (just as there is a force of attraction between unlike 
magnetic poles). Thus positively charged sodium ions and negatively charged 
chloride ions are held together by electrostatic attraction. We conclude, there- 
fore, that an ionic bond is caused by the attraction between oppositely charged 
ions which result from the complete transfer of electrons from the outer electron 
shell of one atom to another. 

The alkali metals in Group 1 of the periodic table achieve a stable octet in the 
outer shell by losing one electron to form a unipositive ion, X * (where X repre- 
sents any Group 1 metal). 

Group 2 metals (the alkaline-earth family) have two electrons in their outer 
shell. Thus to achieve a stable octet of outer electrons they must lose two electrons 
to produce a dipositive ion, X?* (where X represents any Group 2 metal). For 
example, in the reaction between magnesium metal and fluorine gas (shown in 
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Fig. 2.7) each magnesium atom transfers two electrons, one to each of two 
fluorine atoms. The electronic configuration of all the resulting ions is that of the 
noble gas neon, but this is the only similarity. They have, of course, different 
charges and their own characteristic atomic number. 


Tonic Crystals 

Inan ionic crystal, oppositely charged ions will attract one another, whereas ions 
of like charge will repel one another. Each positive cation therefore becomes 
surrounded by as many negative anions as can be grouped around it, and each 
negative anion tends to be surrounded by as many positive cations as possible. 
This produces a giant assembly of ions held in a rigid crystal lattice. 

No individual molecules exist in the crystal. Each ion is associated with all its 
nearest neighbours of opposite charge. Although the type of lattice (i.e. the actual 
arrangement of ions) will depend upon the relative size of the anion and cation, 
the result is always a closely interlocked structure of ions arranged to reach a state 
of minimum energy. Let us consider by way of example the crystal lattices of 
sodium chloride (Na * Cl -) and caesium chloride (Cs* CI >). 

Because of its relatively small size each sodium cation can accommodate only 
Six chloride ions around itself. To preserve electrical neutrality, each chloride ion 
must be similarly surrounded by six sodium ions. In contrast, the larger caesium 
ion can accommodate eight chloride ions around itself; so each chloride ion must 
be surrounded by eight caesium ions. This results in a face-centred cubic lattice 
for sodium chloride and a body-centred cubic lattice for caesium chloride (see 
Fig. 2.8). 


Madsen e neos atom Fluorine atom 


Energy 
level 


sella seo T T- + 
js Um 


Magnesiu on] wo [Fluo ide ions] 
(2.8) (2.8) 


Fig. 2.7 Schematic representation of the reaction between magnesium 
metal and fluorine gas 
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The formulas Na* Cl- and Cs*Cl~ which we give to these giant structures 
only imply that the ratio of anion to cation is 1:1. 


2.6 The Covalent Bond 


To remove one electron from an atom requires energy. This process creates a 
positive ion, and the removal of any further electron or electrons from this ion 
requires even more energy (because of the increased attraction by the positive 
nucleus for the remaining negative electrons). 

Carbon, in Group 4 of the periodic table, has an electronic structure comprising 
two electrons in the first shell and four electrons in the second shell. In the com- 
pound tetrachloromethane (carbon tetrachloride), each carbon atom is associ- 
ated with four chlorine atoms. If the bonding in this compound was formed by 
electron transfer, the four outer electrons of carbon would be transferred to each 
of four chlorine atoms. Using symbols, this would be represented as: 


C 5 C** 4e 
and 4Cl+4e > 4CI^ 


The energy required to remove four electrons from a carbon atom is so large 
that this process is extremely unlikely. Instead, the carbon atom attains the 
electronic structure of the noble gas neon by sharing pairs of electrons: this 
requires much less energy than electron transfer. Each shared pair of electrons is 
a covalent bond, formed between two atoms. Thus a molecule of tetrachloro- 
methane (carbon tetrachloride) contains four covalent bonds and can be repre- 
sented: 


5 M 2 tel: E: 
C HeSCE — :Cl: C :Cl: 
:Cl: 


This equation shows only the outermost electrons, which are represented by 
small dots. Note that, because of this sharing of electrons, the outer shells of the 
carbon atom and of the four chlorine atoms each achieve a stable octet of 
electrons. 

All carbon-hydrogen compounds (hydrocarbons) contain covalent bonds. 
Methane, the major constituent of natural gas, is the simplest of these hydro- 
carbons, and each molecule of methane contains a carbon atom joined by four 
covalent bonds to four hydrogen atoms: 


"C HKEH > H:C:H 
H 
By sharing four pairs of electrons, carbon has achieved a stable octet of electrons, 


giving it the noble-gas structure of neon; at the same time, each hydrogen atom 
has achieved a stable duet of electrons, giving it the noble-gas structure of helium. 
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For greater convenience the covalent bond can be represented by a straight 
line; thus the methane molecule is often shown as 


or, in abbreviated form, CH,. 

In order to achieve a stable octet of electrons, atoms sometimes share more 
than one pair of electrons to form a bond. Carbon dioxide (CO,), the gas which 
bubbles out of fizzy drinks, has in its molecule two pairs of electrons shared by 
two atoms 

0:cióo 


This type of covalent bond, containing two shared pairs of electrons, is called 
the double bond. It can be represented as a double straight line; thus the carbon 
dioxide molecule is often shown as O—C=O where each line represents a pair 
of shared electrons. 


2.7 Shapes of Simple Covalent Molecules 


The shared pair of electrons, or covalent bond, holding two atoms together is 
extremely strong compared with the weak attractive forces between individual 
molecules. For this reason covalent compounds are usually composed of small 
individual molecules—in contrast to the giant lattice structure of ionic crystals. 


(a) Methane 

The two-dimensional representations for methane and tetrachloromethane 
(carbon tetrachloride) molecules given in Section 2.6 cannot show how these 
molecules are arranged in space. A more complete picture is given if we go back 
to the charge-cloud model of the atom (Section 1.12). The four outer electrons of 
carbon can be considered as pear-shaped clouds of negative charge. These 
clouds repel one another and become evenly distributed in space around the 
nucleus. The most stable shape that four mutually repelling pear-shaped clouds 
could adopt would be that in which each orbital points towards the corner ofa 
a regular tetrahedron (Fig. 2.9). 


Carbon 
nucleus. 


Electron clouds each 
containing 1 electron 


Fig. 2.9 Orbital clouds for the four outer electrons of carbon 
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The orbital cloud for the hydrogen electron is spherical (Fig. 2.10). 


Hydrogen: 
nucleus 


Electron: 
cloud 


Fig. 2.10 Orbital cloud for the hydrogen electron 
When the spherical orbitals of four hydrogen atoms overlap the pear-shaped 


orbitals of carbon, four covalent bonds are formed. These four bonds point 
towards the corners of a regular tetrahedron (Fig. 2.11). 


Hydrogen Bonding electron 
nuclei £728 ^] pairs 


Fig. 2.11  Charge-cloud model for methane 


í In a similar manner to the carbon atom in methane, the outer electrons of the 
nitrogen atoms in ammonia are distributed in four pear-shaped orbitals pointing 
towards the corners of a tetrahedron (Fig. 2.12). 


(6) Ammonia 

On opening a bottle of smelling salts the pungent smell of ammonia gas can 
quickly be detected. This gas contains the element nitrogen covalently bonded to 
three hydrogen atoms. Nitrogen atoms contain five electrons in their outer shell 


and can achieve the noble-gas structure of neon by sharing three electrons, one 
from each of three hydrogen atoms: 


H:N:H or H—N—H 
H | 
H 
Three of the orbitals contain only one electron and are thus available for bonding 
with three spherical, singly occupied, hydrogen orbitals. The fourth orbital of 
nitrogen is filled because it contains two electrons. Such a pair of electrons is 
called a lone pair (Fig. 2.13). 
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Fig.2.13  Charge-cloud model for ammonia 


Thus the tetrahedral model can be used for ammonia with a lone pair of 
electrons occupying one of the four positions, but the molecule is, of course, 
pyramidal. 


(c) Water 
Most people know the formula for a water molecule to be H,0. Is this to be ex- 


pected from its electron configuration? What is the shape of the water molecule? 

An oxygen atom contains six electrons in its outer shell and can thus share two 
electrons from each of two hydrogen atoms to gain its stable octet: 

:0:H or :0—H 
H | 
H 

Once again the tetrahedral model can be used, with two lone pairs of electrons 
occupying two of the positions (Fig. 2.14). 
Lone pairs 
of electrons 


Oxygen 
nucleus / 
/ 


Bonding electron pairs 
Fig. 2.14 Charge-cloud model for water 
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That part of the molecule which contains lone pairs of electrons becomes 
slightly negatively charged in comparison with the rest of the molecule. In conse- 
quence some other part of the molecule must possess a slight positive charge to 
make the whole molecule neutral. 


© O 


/\\ 7% 
H H H HOH 
© ® 
Ammonia Water 


Molecules which possess this charge separation are said to be polar, and such 
polarity has very important influences on the properties of these molecules. 


2.8 The Co-ordinate Bond (Dative Covalent Bond) 


We have seen that molecules can have orbitals containing lone pairs of electrons. 
Ammonia has one lone pair: 


and water has two lone pairs: 
AX 
H H 
Ammonia will react with hydrogen cations, using its lone pair of electrons to 
form a covalent bond. The bond differs from normal covalent bonds only in that 
one atom supplies both electrons-to form the shared-pair bond. 


H H + 
H :N:+H* 2 |H :N: H 
H H 


Once formed, this co-ordinate bond between the nitrogen and hydrogen is 
identical and indistinguishable from the other nitrogen-hydrogen covalent bonds. 
The ion NHj produced in this reaction is called the ammonium ion. 


2.9 Characteristics of Compounds containing Ionic 
and Covalent Bonds 


Ionic compounds such as sodium chloride, with their huge rigid crystal lattices, 
might be expected to have markedly different properties from covalent com- 
pounds such as iodine and carbon dioxide which exist as separate small molecules 
(Fig. 2.15). 
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(o) Sodium chloride 
(structure) 


'oicio 
(c) Carbon dioxide 
(molecule) 
Fig. 2.15 Contrast between an ionic lattice and individual molecules: (a) 


lattice structure for sodium chloride; (b) an iodine molecule; (c) a carbon 
dioxide molecule 


(a) Melting Point 

Ionic compounds are solids with high melting point (e.g. sodium chloride); 
covalent compounds are often gases (e.g. carbon dioxide), liquids (e.g. tetra- 
chloromethane) or low-melting solids (e.g. iodine). This is explained because the 
electrical forces between ions in an ionic compound are very strong and the 
thermal agitation of the ions must be great in order to break down the lattice. 
High temperatures are necessary to melt the crystal. In contrast, the forces between 
covalent molecules are weak (the actual covalent bond between atoms in each 
molecule is strong) and the thermal agitation necessary to separate the aggregate 
of molecules is small. In consequence the melting point is low, as in iodine (a 
crystalline covalent solid melting at 114°C) and carbon dioxide (a gas at room 
temperature). 


(b) Solubility 

Ionic compounds are soluble in only a few solvents, notably water. These solvents 
must be capable of breaking down the crystal lattice into ions. Covalent com- 
pounds tend to be insoluble in the solvents which dissolve ionic compounds, but 
they do dissolve in covalently bonded solvents such as tetrachloromethane 
(carbon tetrachloride), petrol and paraffin. 


(c) Electrical Properties 

Solid ionic compounds do not conduct an electric current. However, when 
molten or dissolved in water the lattice is destroyed, the ions are free to move 
around, and they are then able to carry an electric current (see Section 5.1). 
Covalent compounds contain no ions even in the liquid state; therefore they are 
non-conducting. Pure water is a poor conductor of electricity, but a solution of 
an ionic solid dissolved in water is a good conductor. The water is able to break 
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down the lattice so that the ions are free to move. A solution of a covalent com- 
pound in water is non-conducting, unless a chemical reaction between the com- 
pound and water takes place and produces ions. 


2.10 Giant Molecules 


(a) Diamond and Graphite 

Unlike the simple covalent compounds we have considered so far, there are a few 
which do not appear to dissolve in any solvent and in addition have very high 
melting points. They are giant molecules in which the whole crystal is one molecule. 
Diamond and graphite, the two crystalline forms of carbon, are good examples of 
these giant covalent structures. 


Fig. 2.16 The structure of diamond 


Each carbon atom in diamond is tetrahedrally linked to four others by single 
covalent bonds. This arrangement is repeated throughout the whole molecule 
(Fig. 2.16) so that the structure is extremely strong and rigid. It is therefore very 
hard and is used for cutting-tools, drilling and in jewellery. 

In contrast to diamond, graphite is soft, feels slippery and is used as a lubricant. 
It has a layer structure in which carbon atoms are joined by strong covalent bonds 
in a pattern of interlocking hexagons (Fig. 2.17). Each carbon atom is joined to 
three others in the layer. The bonding between the layers is much weaker than the 
bonding in the layer, and so the graphite is easily split into sheets. 
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Fig.2.17 The structure of graphite : widely separated layers of carbon atoms 


(b) Polymers 

We have seen in diamond and graphite that carbon is capable of forming multiple 
bonds. In everyday life there are numerous materials which contain similar 
multiple bonds: familiar examples include nylon, polyvinyl chloride (PVC), 
polythene, and polyurethane. These are called polymers (poly = many). Thus the 
polythene molecule is a very long chain of many carbon atoms, each covalently 
bonded to hydrogen: 


Polymeric molecules are discussed in detail in Unit 12. 


(c) Ice 

The polar nature of the water molecule produces attraction between separate 
molecules. This weak but important attractive force between the hydrogen of one 
molecule and the oxygen of an adjacent molecule is called a hydrogen bond (Fig. 
2.18). 

As water is cooled on a microscope slide ice begins to form on the surface. On 
examination under a microscope hexagonally shaped ice crystals can be seen. 
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Fig. 2.18 The hydrogen bond in water 


These crystals result from an open lattice arrangement produced by hydrogen 
bonding between the water molecules (Fig. 2.19). 
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Fig. 2.19 The structure of ice 


2.11 Metals 


A metal can be considered as an arrangement of positive metal ions arranged in a 
regular three-dimensional crystal lattice, similar to those of sodium chloride and 


The Organization of Matter 47 


caesium chloride shown in Fig. 2.8. The electrons which once were charge-clouds 
attached to the individual metal atoms may be considered as having coalesced 
into a single cloud of charge which now surrounds the metallic ions in the crystal 
lattice. Each ion has an attraction for several of the outer electron charge-clouds 
of individual nuclei, and it is thought that these charge clouds are not bound to any 
single nucleus but spread out. These electrons are said to be delocalized. The ions 
are held together in a ‘sea of mobile electrons’ producing a giant structure 
(Fig. 2.20). It is these mobile ‘free’ electrons which account for the electrical 
properties of metals (see Unit 5). 


Metal ions in an 
ordered lattice 


Localized electron clouds 
associated with one 
particular nucleus 


Delocalized ‘mobile’ 
electrons 


Fig. 2.20 The structure of a metal 


Summary of Unit 2 


1. Electrons are found in shells around the nucleus of an atom. 

2. Each shell is associated with a particular energy. Shells are thus sometimes 
called energy levels. The lowest energy level is the one nearest the nucleus. 

3. The maximum number of electrons in each energy level is given by 2n?, where 
n is the energy level number. 
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4. Electrons are found in orbitals within each energy level. These orbitals are 
variously shaped clouds of electronic charge. 

5. Each element has a particular electron structure with its electrons arranged 
in specific energy levels. 

6. The periodic table arranges elements in order of ascending atomic number. 
Horizontal rows of elements are called periods; vertical columns of elements 
are called groups or families. 

7. The elements within a group or family (e.g. Group 1, the alkali metals) 
have similar chemical properties. 

8. The noble gases are a family of elements each containing eight electrons (an 
octet) in their outer energy level. Such an outer octet of electrons is associated 
with chemical stability. 

9. Elements react to achieve this stable electron structure by electron transfer or 
by electron sharing. 

10. Electron transfer produces an ionic bond between positively charged cations 
and negatively charged anions. 

11. Ionic compounds form ionic crystals in which the positively and negatively 
charged ions are arranged in a rigid crystal lattice. 

12. Electron sharing produces a covalent bond. Each shared pair of electrons 
produces a single covalent bond; two shared pairs of electrons produce a 
double bond. 

13. Covalent compounds exist as molecules. Each molecule has its own shape or 
spatial arrangement, e.g. a molecule of methane is tetrahedral. 

14. Molecules in which there is some charge separation are said to be polar. 

15. Ionic compounds tend to be solids with high melting points. They are soluble 
in polar solvents. When molten or in aqueous solution they are able to 
conduct an electric current. 

16. Covalent compounds tend to be gases, volatile liquids or solids with low 
melting points. They are soluble in non-polar solvents and do not conduct 
electricity. 

17. Diamond and graphite are giant molecules containing many carbon-carbon 
covalent bonds. 

18. Ice is composed of small water molecules held together in a crystal lattice by 
hydrogen bonds. 


19. Metals have a crystal lattice containing positive metal ions held together 
in a 'sea' of mobile electrons. 


Test Yourself on Unit 2 


1. Which of the following formulas gives the number of electrons in each 
complete shell of an atom, where n is the shell number? 
(a) n?, (b) 2n?, (c) (n+2), (d) (n--8). 


2. Mark each of the following statements true or false: 
(a) Electron shells are sometimes called energy levels. 
(b) The shell nearest to the nucleus has the highest energy. 
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(c) The shell nearest the nucleus can contain a maximum of two electrons. 
(d) An orbital is a cloud of electricity formed by electrons around the nucleus 
of an atom. 


3. Elements in the periodic table are arranged in order of their: 
(a) relative atomic mass, 
(b) atomic number, 
(c) mass number, 
(d) metallic character. 


I |12 


19 |20| 21 | 22| 23| 24| 25| 26| 27 29| 30 


37 


E 
| 

4. Consider the following elements from the outline of the periodic table above: 
(a) 3, 11, 19, 37, 55. 

(b) 9, 17, 35, 53, 85. 

(c) 2, 10, 18, 36, 54, 86. 

(d) 21, 22, 23, 24, 25, 26. 

(e) 3,4, 5, 6, 7, 8, 9, 10. 

(i) Which set of elements is called the noble-gas family? 

(ii) Which set of elements is called the halogen family? 

(iii) Which set of elements is called the alkali metal family? 

(iv) Which set contains only transition metals? 

(v) Which set is a short period? 


53|54 


85| 86 


5. The following symbols refer to atoms of magnesium and chlorine: 
iMg, nC 


(a) State the number of electrons in successive electron shells of these atoms. 
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(b) Explain why chlorine forms an ion CI". 

(c) Write the symbol for the magnesium ion. 

(d) Write the formula for the ionic solid formed when these two elements 
combine. 

(e) Would you expect this solid to have a high or low melting point? Give a 
reason. 


6. Why is it incorrect to refer to a molecule of sodium chloride while it is correct 
to refer to a molecule of ammonia? 


7. Mark the following statements true or false: 
(a) A methane molecule is tetrahedral. 
(b) A water molecule is linear. 
(c) An ammonia molecule contains a lone pair of electrons. 
(d) An ammonium ion contains four equivalent covalent bonds. 


8. Both methane and diamond are covalently bonded. Methane is a gas, diamond 
is a solid with a very high melting point. Why? 


Mark this test out of 30 with the answers provided on page 370. 


Unit Three 
Matter and the Mole 


The Gram-Atom 
CHEMICAL FORMULAS 


Constancy of 
Chemical Composition 


EMPIRICAL FORMULAS 
MOLECULAR FORMULAS 
CHEMICAL EQUATIONS 


Calculations involving 
reacting mosses 


So far we have looked at the ways in which atoms combine: how electron transfer 
leads to the giant ionic-lattice structure of sodium chloride, for example, while 
electron sharing produces simple individual covalent molecules such as methane. 
In this Unit we move from the study of individual atoms, ions and molecules to the 
chemical laboratory where we use materials in measurable quantities. We see how 
chemical formulas and chemical equations are developed asa result of experiment. 


COVALENT 
FORMULAS 


IONIC 
FORMULAS 


3.1 The Gram-Atom and the Mole 


(a) The Gram-Atom 
We have discussed in Section 1.14 the idea of atomic masses relative to the mass of 


the carbon !2C isotope taken as 12 units. Relative atomic mass is defined as the 
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mass of one atom of the element compared with one-twelfth the mass of one atom 
of carbon !2C. 

If we use grams as units to express these relative atomic masses we have the 
*gram-atom'. One gram-atom of any element is the relative atomic mass of that 
element expressed in grams. For example, the relative atomic mass of the element 
copper (Cu) is 63-5 and that of sulphur (S) is 32-1. Therefore one gram-atom of 
copper would be 63-5 grams and one gram-atom of sulphur would be 32:1 grams. 

The concept of the gram-atom is useful because, while it is impossible to see or 
weigh individual atoms very easily, we can actually see and weigh one gram-atom 
of an element. 

One gram-atom of any element contains the same number of atoms. This fact is 
illustrated in Fig. 3.1 by analogy with children's marbles of masses 10 g, 20 g and 
30 g. If we take three samples, A, B and C, each of 300 g, there will be 30 marbles 
in A, 15 marbles in B and 10 marbles in C. 


300g = 300g = 300g = 
30 marbles I5 marbles 10 marbles 


Fig. 3.1 Atoms represented as marbles : each sample has the same mass 
However, if we take an amount of each type of marble proportional to its mass, 


say 100 g of A, 200 g of B and 300 8 of C, then there will be the same number of 
marbles in each sample—in this case 10, as shown in Fig. 3.2. 


100g A= 200g B= 300gC = 
lO marbles IO marbles IO marbles 


Fig. 3.2 Atoms represented as marbles 
number 


: each sample contains the same 


Matter and the Mole 53 


Similarly, if we take masses of different elements proportional to their relative 
atomic masses, then each sample of the elements will contain the same number of 
atoms (see Fig. 3.3). 


1 gram-atom of sulphur 


1 gram-atom of carbon 1 gram-atom of copper 


635g 


All contain the same number of atoms 


Fig.3.3 Onegram-atom of each element contains the same number of atoms 


Thus one gram-atom of each element contains the same number of atoms. 


(b) The Mole 

The actual number of atoms in every gram-atom of an element is, as we might 
expect, very large. It has been found to be 6-02 x 10??. Thus 63:5 grams of copper 
metal, for example, contains 6-02 x 10?? atoms of copper. 

This important number, 6:02 x 10??, is known as the Avogadro constant or 
Avogadro's number in honour of Amadeo Avogadro (1776-1856). Avogadro 
was born and educated in Italy, where he practised law for a number of years. 
His interests turned towards physics, however, and he is remembered today for 
his famous hypothesis concerning molecules in gases (see Section 4.6). 

The amount of substance which contains Avogadro's number (6:02 x 10?3) of 
particles is called one mole. It does not matter whether the particles are atoms, 
molecules or ions. Thus one mole of copper metal contains 6:02 x 107? atoms of 
copper; one mole of chlorine gas (Cl;) contains 6:02 x 107? chlorine molecules or, 
since each chlorine molecule consists of two atoms, 2x (6:02 x 10?3) atoms of 
chlorine. One mole of sodium chloride (Na* Cl) contains 6:02 x 107? sodium 
ions (Na+) and 6-02 x 107? chloride ions (Cl ). 


3.2 Chemical Formulas through Experiment 


Using the mole concept we are now able to determine chemical formulas by 
experiment in the laboratory. A chemical formula uses symbols to show the 
numbers of the the atoms or ions of the elements contained in one molecule or 
smallest portion of a compound. If there is more than one atom or ion of each 
element present, the actual number is indicated by a figure written as a subscript 
immediately after the symbol. For example, one molecule of carbon dioxide 
contains one atom of carbon and two atoms of oxygen: its chemical formula 
is therefore CO}. 

The following experiments illustrate laboratory methods of finding the 
chemical formula of a compound. 
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Experiment 3.1 Determination of the chemical formula of black copper oxide 


In this experiment a pure sample of black copper oxide is analysed to find out how 
many moles of copper combine with one mole of oxygen atoms. 


Excess gas burning 


...Small hole 


Heot Large test tube 


Fig. 3.4 Reduction of black copper oxide 


A porcelain boat is weighed, first empty and then containing a little pure black 
Copper oxide. It is then placed in a hard-glass test tube having a small hole near 
the closed end (see Fig. 3.4). A steady stream of coal gas, or hydrogen from a 
cylinder, is passed through the apparatus until all the air has been displaced from 
the test tube. Great care must be taken with regard to safety whenever hydrogen is 
being used, as mixtures of air and hydrogen are violently explosive. 

To check that all the air has been displaced, take samples of the gas in a small 
test tube and ignite them at some distance from the apparatus. When a sample 
burns quietly rather than explosively it is safe to ignite the gas issuing from the 
small hole in the main test tube. 

On heating the contents of the tube with a hot non-luminous bunsen flame, the 
black colour of the oxide changes to the pink colour of copper. The hydrogen 
removes the oxygen from the copper oxide, forming water vapour, and pure 
copper is left. 

The apparatus is then allowed to cool, but the stream of gas must be maintained 
or oxygen from the air may enter the tube and re-form copper oxide with the hot 
copper powder. 


When the apparatus is cold, the boat containing the copper is removed and 
reweighed. 


Results 

Mass of boat = 832g 
Mass of boat and copper oxide = 10:86 g 
Mass of boat and copper = 1035g 
-. mass of copper = 203g 
-. mass of oxygen = O51g 
One mole of copper atoms have a mass of 63:54 g 

-. number of moles of copper in the sample = c 


Matter and the Mole 55 


One mole of oxygen atoms have a mass of 16 g 

051 
16 

= (0032 


.. number of moles of oxygen atoms in the sample = 


~. 0:032 mole of oxygen atoms are combined with 0:032 mole of copper 

.. 1 mole of oxygen atom are combined with 1 mole of copper 

~. 602 x 107° oxygen atoms are combined with 6:02 x 10?? copper atoms 
*, 1 oxygen atom is combined with 1 copper atom 


Thus the chemical formula of copper oxide is Cu;O;, but as it is usual to ignore 
subscripts where only one atom of each element is present, the formula is generally 
written as CuO. 


Experiment 3.2 Determination of the chemical formula of water 

In Experiment 3.1 water was one of the products of the reaction. We now modify 
the procedure so that the water vapour produced can be collected and weighed. 
Great care must be taken with regard to safety whenever hydrogen is being used, as 
mixtures of air and hydrogen are violently explosive. 


Pure dry 


hydrogen 


'Wire form" 
copper oxide 


I 

j Excess 

| hydrogen 
burning 


Conc. 

Sulphuric Anhydrous 
acid to dry calcium 
the hydrogen chloride 


Water 
produced 


A | B 1 C 


Fig.3.5 Determination of the chemical formula of water 


The apparatus is shown in Fig. 3.5. Tube A is filled with dry, pure, wire-form 
Copper oxide and then weighed. It is connected to the weighed condensation and 
absorption tubes (B). The absorption tube contains anhydrous calcium chloride 
Which absorbs water vapour. Pure dry hydrogen is passed through the apparatus 
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until all the air is displaced. Observe the same precautions as those described in 
Experiment 3.1. The gas issuing from the jet (C) is ignited, and the tube A is 
heated with a hot non-luminous bunsen flame. 

After 5-10 minutes the heating is stopped, but the flow of hydrogen is main- 
tained until the apparatus is quite cold. Tubes A and B are then weighed separately, 


Results 
Mass of tube A and copper oxide before heating = 108-97¢ 
Mass of tube A and contents after heating = ]0417g 
., mass of oxygen taken from copper oxide and 
converted into water = 4:80 g 
Mass of tube B before experiment =  9449g 
Mass of tube B after experiment = 99-892 
-. mass of water produced = 5-40 g 
-. mass of hydrogen in the water es 5:40 g —4-80 g = 0-60 g 
Calculation 


1 mole of hydrogen atoms have a mass of 1 g 


-. number of moles of hydrogen atoms in the water produced — es 

1 mole of oxygen atoms have a mass of 16 g 

-. number of moles of oxygen atoms in the water produced = 3 
= 0:30 


`. 0-60 mole of hydrogen atoms combine with 0-30 mole of oxygen atoms 
`. 2 moles of hydrogen atoms combine with 1 mole of oxygen atoms 

`. 2x602x 107? hydrogen atoms combine with 6-02 x 10?? oxygen atoms 
`. 2 hydrogen atoms combine with 1 oxygen atom. 


Thus the chemical formula of water is H50,, usually written as HO. 


Chemical formulas such as CuO for copper oxide and H,O for water indicate 
the combining ratios of the elements but do not necessarily indicate the size of 
the basic unit. A chemical formula showing only the combining ratios of the 
elements in the compound is called the empirical formula (see Section 3.5). 


3.3 Law of Constant Composition 


Any sample of pure copper oxide, no matter how it is analysed, provided the 
analytical technique is efficient, always shows the same ratio of Copper to oxygen. 
In fact this constancy in chemical composition is found for all pure chemical 
compounds, and we can say that all pure samples of the same chemical compound 
contain the same elements in the same Proportion by mass. This statement is 
known as the Law of Constant Composition, sometimes called the Law of Definite 
Proportions. 
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3.4 Writing Chemical Formulas 


Formulas for most compounds have been determined experimentally and 
details can be found in various books of chemical data. However, the chemist 
requires a simple and quick method for deducing these formulas without recourse 
to experiment. 


(a) Tonic Compounds 
Many different electrical experiments can be carried out on the quantity of 
electricity required to liberate one mole of an element from a chemical compound 
and the results used to calculate the charges on the ion(s) of that element (see 
Section 5.5). Some of the more common ions, both positive and negative, are 
listed in Table 3.1. 

Ionic compounds result from a combination of cations and anions such that 
the resulting giant structure has no overall charge. For example: 

(i) one Na* and one Cl~ give Na*CI- 

(ii) two Na* and one SO2 - give Na* Na*SO?- or Na? SO2- 

(iii) one Ca?* and one SOZ- give Ca?* SO2- 

(iv) one Ca?* and two NO; give Ca?* NO; NO; or Ca?* (NO;), 

(v) one AP?* and three Cl - give AP*CI-CI-CI- or AP*CI; 

(vi) two AP * and three SO2^ give AP * AP*SO2-SO2- S02- or Al3*(SO37), 
Note that, in order to achieve electrical neutrality in example (vi), two AI? * must 
unite with three SO2-. 


Nomenclature based on oxidation numbers. It will be noticed that a roman 
numeral appears after the names of many of the ions in Table 3.1. This is the 
oxidation number. The following rules show how this oxidation number is 
calculated: , 

(i) the oxidation number of hydrogen is defined as --1 (except in metallic 
hydrides when it is — 1, and in hydrogen gas H, when it is zero); . 

(ii) the oxidation number of oxygen is defined as —2 (except in peroxides when 
it is — 1, and in oxygen gas O, when it is zero); 

(iii) the oxidation number of any other element is selected to make the sum of 
the oxidation numbers equal to the charge on the ion. : 

Where an element has more than one oxidation number, the oxidation 
number is stated directly after the name of the ion (see Table 3.1). 

For simple cations the oxidation number of the element is its ionic charge. 

For simple anions the systematic ending -ide is used (except for non-metal 
hydrides such as water, ammonia and methane). 

For anions derived from the oxoacids the oxidation number of the element 
combined with oxygen is given together with the ending -ate. For example, the 
SOj-anion is called tetraoxosulphate(vr) because the oxidation number of 
the sulphur in this ion is +6. This is calculated as follows: 

the total charge on the ion is —2; 

the oxidation number of each oxygen atom is —2, and 
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the sum of the oxidation numbers of four oxygen atoms is —8; 

therefore, in order to give the ion a total charge of —2, the sulphur must have 
an oxidation number of +6. The reasoning becomes clear if we write the oxida- 
tion numbers on the formula of the ion: 


+6 (4x-2)]2- 


Similarly, the SOS ^ anion is called trioxosulphate(1v) because the oxidation 
number of sulphur is +4: 

+4 (3x—-2) |2- 

S O 3 


The first two columns of Table 3.2 show the systematic nomenclature for a 
number of ionic compounds. However, IUPAC, national authorities and 
examination boards still prefer the more traditional names sulphate, sulphite, 
nitric, nitrous, nitrate, nitrite and thiosulphate, and these names, as shown in 
the third column of the table, will be used throughout the rest of this book. 


Table 3.2 Use of oxidation numbers in naming ionic compounds 


Formula Systematic name Adopted name 
Na*Cl- sodium chloride sodium chloride 
Cu?*SOj- copper(it) tetraoxosulphate(v1) copper(i) sulphate 
Cu$SOi- copper(1) tetraoxosulphate(v1) copper(1) sulphate 
Na}SO3~ sodium trioxosulphate(tv) sodium sulphite 
H*NO; trioxonitric(v) acid nitric acid 

H5S0i- tetraoxosulphuric(vi) acid sulphuric acid 
H*cl- hydrochloric acid hydrochloric acid 
(NH4)3PO37 ammonium tetraoxophosphate(v) ammonium phosphate 
Ca?*CO3- calcium carbonate calcium carbonate 
Fe?* (OH ^); iron(i) hydroxide iron(m) hydroxide 
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(b) Covalent Compounds 


The formulas for covalent compounds are determined by the electron structure of 
the elements in the compound. The number of covalent bonds capable of being 
produced by an element is given in Table 3.3. 


Table 3.3 Possible numbers of covalent bonds 


Element Number of covalent bonds 
Hydrogen (H) 1 

Chlorine (CI) and other halogens 1 

Oxygen (O) 2 

Sulphur (S) 2,4 0r6 

Nitrogen (N) 3, 4 or (5) 

Carbon (C) 4 or (2) 


(Note: brackets indicate a number that is possible but rarely occurs) 


Atoms of these and similar elemenis can combine with each other to form covalent 
molecules. Examples of covalent molecules are shown in Table 3.4. 


Table 3.4 Structure of covalent molecules 


Number of 
Compound Formula Structure covalent 
bonds 
H 
Methane CH, e 4 
| 
H 
Water H,O H—O, 2 
H 
Ammonia NH; H—N—H 3 
| 
H 
Sulphur dioxide SO, 0—s—o 4 
oO 
Sulphur trioxide SO, T 6 
Carbon dioxide co, 0—c—o 4 
cl 
Tetrachloromethane cc | 
(carbon tetrachloride) la Ci-c—c 4 
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3.5 Empirical and Molecular Formulas 


The chemical formulas Na*Cl~ and CCl, represent quite different types of 
structure, but both show the ratio of the particles of the combining elements in the 
structure. A formula showing the ratio of the number of the respective atoms or 
ions in a compound is called an empirical formula. The formulas for all ionic 
compounds are empirical formulas, because they show the simplest ratio of the 
ions in the giant lattice. 

Tetrachloromethane (carbon tetrachloride) is composed of separate molecules 
and the formula CCl, is a molecular formula. It shows the actual number of atoms 
in one molecule of the compound. In this case the molecular formula and em- 
pirical formula are identical. 

The molecular formula of the gas ethane is C;H&, which shows that each 
molecule contains two carbon atoms covalently bonded to each other and to six 
hydrogen atoms: 


H H 


HIGH 


agi 


H H 


The ratio of carbon atoms to hydrogen atoms is 1:3, and the empirical formula is 
therefore CH}. The molecule CH; does not exist. This empirical formula shows 
the simplest combining ratio of the elements hydrogen and carbon in this 
compound which has the molecular formula C;H,. 

Other examples illustrating the differences between empirical and molecular 
formulas are listed in Table 3.5. The relative molecular mass is shown for those 
compounds having molecular formulas. It is obtained by summing all the 
relative atomic masses of the individual atoms of which its molecules are com- 
posed. 

For example, ethane has a molecular formula C;H,; its relative molecular 
mass can be obtained by summing the relative atomic masses of two carbon atoms 
and six hydrogen atoms: 


C; Hg 


(2x 12)+(6x1) 
30 


Thus the relative molecular mass of ethane is 30. 


Calculation of Empirical and Molecular Formulas 

The masses of each element present in a compound can be obtained through 
experiment. These values are often expressed as percentages, or as the number of 
grams of each element contained in 100 g of the compound. The calculation of 
the empirical formula is similar to the calculations carried out in Experiments 3.1 
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Table 3.5 Molecular and empirical formulas 


Relative » 
Molecular a qm Empirical 
Substance formula eus formula 
Potassium K*No; 
nitrate 
Magnesium TEAN 
sulphate Mg 4 
Nitric acid H*NO; 
2*02- 
Calcium oxide Ca?*O 
Benzene CoH, (6 x 12)+(6x 1) CH 
= 78 
Carbon dioxide co, 12+(2 x 16) CO; 
= 44 
Ethene C;H, (2x 12)+(4x 1) CH; 
= 28 
Ethyne C,H, (2 12)4+(2x 1) CH 
= 26 


and 3.2. The following examples illustrate the calculation of both empirical and 
molecular formulas. 


Example 100 g of an oxide of sulphur contains 50 g of sulphur and 50 g oxygen. 
If the relative molecular mass of the compound is 64 and the relative atomic 


masses of sulphur and oxygen are 32 and 16 respectively, calculate the empirical 
and molecular formulas of the oxide. 


Calculation 
Number of moles of sulphur atoms is 3 = 1-56 
Number of moles of oxygen atoms is $2 — 3.12 
<. 156 moles of sulphur atoms combines with 3-12 moles of oxygen atoms 
or 1 mole of sulphur atoms combines wi 
^ 6:02 x 10?? atoms of sulphur combine wi 
`. 1 atom of sulphur combines with 2 
The empirical formula is therefore SO,. 
The sum of the relative atomic Masses of this empirical unit (SO;) is 
32+(2 x 16) = 64. This is identical with the relative molecular mass of the 
compound, and hence the molecular formula is also SO;. 


Example 100 g ofa compound contains 32 


gof carbon, 4 g of hydrogen and 64 g 
of oxygen. If its relative molecular mass is 


150 and the relative atomic masses of 
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carbon, hydrogen and oxygen are 12, 1, and 16 respectively, calculate the em- 
pirical and molecular formulas. 


Calculation 

Number of moles of carbon atoms = 33 = 2:67 

Number of moles of hydrogen atoms = $ = 4-00 

Number of moles of oxygen atoms = $$ = 4-00 

-. 2:67 moles of carbon combines with 4-00 moles of hydrogen and 4-00 moles 
of oxygen 


We divide all of these values by the smallest (2:67) to obtain the simplest ratio. 

<. $81 moles of carbon combines with $2 moles of hydrogen and $33 moles 
of oxygen 

^. 1 mole of carbon combines with 1-5 moles of hydrogen and 1-5 moles of oxygen 

7. (1X 602 x 1023) carbon atoms combines with 15x 6:02 10?? hydrogen 
atoms and 1-5 x 6:02 x 107? oxygen atoms 

In simplest terms this would indicate that the ratio of carbon to hydrogen to 

oxygen atoms in the compound was 1 carbon: 1-5 hydrogen: 1-5 oxygen. However, 

since it is impossible to have a fraction of an atom, the empirical formula must be 

a whole-number ratio. The simplest whole-number ratio is 2 carbon:3 hydrogen: 

3 oxygen, and thus the empirical formula is CjH3O;. 


If this was the molecular formula, the relative molecular mass of the compound 
would be (2 x 12)-- (3 x 1)--(3 x 16) = 75. In fact the relative molecular mass is 
150, and therefore the molecular formula must be 2x(C,H303), which is 
C,H40,. 


3.6 Law of Conservation of Matter 


When a chemical reaction takes place the reacting substances (known as the 
reactants) are converted either wholly or partly into new substances (known as 
the products). During the process energy changes usually take place, but the total 
mass of the reactants and products remains the same. This is the Law of Conserva- 
tion of Matter. It can be verified experimentally in a number of ways, most of 
which involve weighing reactants in a closed vessel before chemical reaction takes 
place and then weighing the products afterwards: no detectable change is 
Observed. 


3.7 Chemical Equations through Experiment 


A chemical equation summarizes the results of quantitative investigations into 
à chemical reaction. It indicates the number of moles of reactants used and the 
number of moles of products formed. For convenience chemical formulas are 
used instead of writing out chemical names. 

The following experiment illustrates the *mole-ratio' method of determining 
the relative numbers of particles involved in chemical reactions. In this method, 
the concentration (number of moles) of one of the reactants (A) is kept constant 
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while the concentration (number of moles) of the other reactant (B) is varied, 
During the reaction some change in physical property is measured for each 
different concentration of B. This change may be the height of a precipitate, the 
volume of a gas liberated, the weight of solid produced, or any other measurable 
change, provided that uniform conditions are used for each set of measurements, 
The number of moles of B reacting with the fixed concentration of A can then be 
obtained from a graph, like that shown in Fig. 3.6. 


Moles of A fixed at 0-2 


50 


30| 


20) 


Change being measured (arbitrary scale) 


o Ol 02 03 O4 05 06 


Number of moles of B 


Fig. 3.6 Graph illustrating the ‘mole-ratio’ method 


As Bis added toa fixed amount of A, the quantity of A used up increases until, 
n the addition of 0:4 mole of B, all of A is reacted. This is indicated by the hori- 


zontal portion on the graph. Any further addition of B beyond 0:4 mole remains 
unreacted. 


Thus 0-2 mole of A reacts exactly with 0-4 mole of B. 
<. 2 moles of A reacts exactly with 4 moles of B. 
-. 1 mole of A reacts exactly with 2 moles of B. 


Hence the equation for this reaction is 


1A+2B = products 


Further analysis of the products formed when 0-2 mole of A reacts with 0-4 mole 
of B is necessary to complete the equation. 


Experiment 3.3 Determination of the relative numbers of lead(u) ions reacting 
with iodide ions 

In this experiment the concentration of lead(11) ions is kept constant while the 
concentration of iodide ions is varied. The Change measured is the height of the 
yellow precipitate formed during the reaction, A solution of lead(i) nitrate 
Pb?* (NO; ); is prepared by dissolving 1 mole of it (331 g) in water and diluting 


Matter and the Mole 65 


until the total volume is 1 dm? (1000 cm?): this is molar solution of lead(11) 
nitrate. (A molar solution is simply one which cdntains one mole of the sub- 
stance dissolved in one dm? of solution.) A molar solution of potassium iodide 
K*I' is also required. 

Two burettes are filled, one with the molar solution of lead(it) nitrate and 
one with the molar solution of potassium iodide. 2 cm? of lead(11) nitrate 
solution are delivered into each of six test tubes of uniform internal diameter. 
Potassium iodide solution is then added to each of the tubes in turn: 1 cm? to 
the first, 2 cm? to the second, 3 cm? to the third, and so on, 6 cm? being added to 
the sixth tube. Each test tube is shaken and allowed to stand for an equal length 
of time, until the yellow solid (the precipitate) has settled to the bottom of the 
tube and a clear liquid appears above it. The height of each precipitate is measured 
(see Fig. 3.7). 


Height of precipitate —— 


icm? 2cm?  3cm? 4cm? 5cm? 6cm? 
Volume of potassium 
iodide added 


Fig. 3.7 The ‘mole-ratio’ method applied to the reaction between lead(i1) 
ions and iodide ions. Pure water has been added to equalize the total 
volume in each tube 


Results 

*. 2 cm? of molar lead(t) nitrate reacts exactly with 4 cm? of molar potassium 
iodide 

*. 2000 cm? of molar lead(11) nitrate reacts exactly with 4000 cm? of molar 
potassium iodide 

«`. 2 moles of lead(11) nitrate reacts exactly with 4 moles of potassium iodide 

~. 1 mole of lead(it) nitrate reacts exactly with 2 moles of potassium iodide. 


Thus the equation for the reaction is 
Pb?*(NO;);*2K*I- > products 


Analysis of the products shows the yellow precipitate to be lead(1) iodide 
(Pb?*I;) and the liquid above the precipitate to be potassium nitrate 
(K *NO3). Thus the full equation for the reaction is 
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Pb?*(NO5); 44 +2K * T > Pb? *134)+2K*NO3qq) 


(The symbol (aq) is used to indicate that a substance is in aqueous solution, 
while (s) indicates that it is a solid.) 


3.8 Writing Chemical Equations 


In theory it is possible to determine all chemical equations by experiment, but 
this would be very time-consuming. The following procedure provides a useful 
guide for balancing equations. 

First, write down the formulas for all the products and the reactants in the 
equation. These formulas are constant and cannot be changed. For example, the 
formula for one molecule of carbon dioxide is CO), and in a chemical equation 
the formula of carbon dioxide must always be written as CO, or multiples of 
CO,, e.g. 2CO,, 3CO,, etc. 

Secondly, give a subscript to show whether the substance is a solid (s), a gas (g), 
a liquid (1), or dissolved in water (aq). 

Thirdly, count the number of particles of each element on either side of the 
equation. 

Finally, balance the equation by adjusting the number of particles of each 
substance on either side of the equation, without altering the formula for any 
substance. Use the smallest number for each substance necessary to balance the 
equation. 

To illustrate this procedure, let us balance the equations for (a) magnesium 
burning in oxygen, and (b) methane burning in air. 


(a) When ignited, magnesium ribbon burns in oxygen with a dazzling 


white light. The white powder produced in the reaction is magnesium oxide 
(Mg?*O?>-). 


Step (i) 
Mg+0, E Mg?*0?- 
Step (ii) 
MB (+ Ori) > Mg? +O 
Step (iii) 


Number of particles (atoms) on the left: one magnesium and two oxygen. 
Number of particles (ions) on the right: one magnesium and one oxygen. 


Step (iv) 
The equation is not balanced. In order to balance t 
magnesium oxide must be multiplied b 
reactant magnesium must be multiplied by 
the balanced equation for this reaction is 


he oxygen the formula for 
y 2, giving 2Mg?*O?-. Now the 
2 in order to balance this. Therefore 


Ks) +024) — 2Mg* 02> 
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(b) When the gas methane burns it reacts with the oxygen of the air, producing 
heat, carbon dioxide and water vapour. 


Step (i) 
CH,--0; E CO,+H,0 
Step (ii) 
CH, + Orig) > CO) H200) 
Step (iii) 
Number of particles (atoms) on the left: one carbon, four hydrogen and two 
oxygen. 


Number of particles (atoms) on the right: one carbon, two hydrogen and three 
oxygen (2 from CO, and 1 from H,0). 


Step (iv) 

The equation is not balanced. The one carbon atom and the four hydrogen atoms 
in methane would produce, respectively, one carbon dioxide molecule and two 
water molecules: 


CH 4) + Or) > CO2 +2204). 


Now balance the oxygen. There are four oxygen atoms in the products, therefore 
the reactants must also have four oxygen atoms, i.e. 20). 
Therefore the balanced equation is 


CHa) + 20;$ + CO2 +2H2 0%) 


3.9 Information given by an Equation 
Consider the following balanced equation: 
Ha) Cl > 2HClg 


This equation tells us that one mole of gaseous hydrogen reacts with one mole of 
gaseous chlorine to produce two moles of gaseous hydrogen chloride. In general, 
any balanced chemical equation contains the following information: 

(a) the reactants and the products; 

(b) the relative number of moles of each product and each reactant; 

(c) the physical state of the reactants and products. 


However, a balanced equation does not tell us: 

(i) the conditions necessary for the reaction to take place; 

(ii) the concentration of the reactants; 

(iii) the reaction rate, i.e. how quickly the reaction proceeds; 

(iv) the extent or completeness of the reaction, i.e. whether or not all the 
reactants will be converted into products; 

(v) the mechanism by which the reaction takes place; 

- (vi) the energy changes which occur during the reaction. 
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Consider the following balanced equation for the reaction between magnesium 
metal and hydrochloric acid: 


Mg, + 2H* Choy Ri Mg? *cl 2(aq) + Ha, 


This equation does not tell us that the reaction is spontaneous when the mag 
hesium is added to the acid; that the reaction is rapid if the acid is concentrated, 
or give any indication of the rate or extent of the reaction. There is no suggestion 
in the equation as to the mechanism by which the reaction proceeds, nor any 
evidence that heat is produced as the magnesium dissolves. 


3.10 Calculations involving Reacting Masses 


The chemist in industry is constantly using chemical equations to calculate 
reacting quantities. A chemist needs to know, for example, the amount of raw 
materials that must be obtained for the manufacture of a specified amount of 
product. The method of calculation is the same whether the reaction is complex 
or simple, and is illustrated in the following discussion. 

The soap industry requires large quantities of sodium hydroxide (caustic 
soda). This used to be manufactured by the Gossage process, in which calcium 
hydroxide suspended in water (milk of lime) was shaken with a solution of 
sodium carbonate (washing soda). The precipitate of calcium carbonate was 
filtered, leaving sodium hydroxide in solution. The equation for this reaction is 

Ca?* (OH), + Na$CO$;, > Ca?* COR +2Na*OH ia) 
which tells us that one mole of calcium hydroxide reacts with one mole of 
sodium carbonate to produce one mole of calcium carbonate and two moles 
of sodium hydroxide. The relative atomic masses are Ca = 40, O = 16, 
H = 1, Na = 23, and C = 12. Hence 


one mole of Ca?* (OH ), has a mass of40--2(16-:1) = 74 grams 
one mole of Naz CO3~ has a mass of (2x 23)+12-+(3 x 16) 

= 106 grams 
one mole of Ca?* CO3- has a mass of 40+ 12-+(3 x 16) = 100 grams 
one mole of Na* OH ~ has a mass of 23+16+1 = 40 grams 


2 - = es a 
Ca = )e + NaZCO3;,) > Ca?*CO35,+ Im 
l i 
74 g combines with 106g to give l00g and 2x40g 


The chemist therefore knows that 74 g (or tonnes etc.) of calcium hydroxide 
Will react with 106 g (tonnes etc. 


) of sodium carbonate, to produce 2 x 40 g 
(tonnes etc.) of sodium hydroxide. There will be 100 g (tonnes etc.) of 
calcium carbonate precipitated as a by-product of the reaction. 


Example A student heats a mixture ofiron 


j filings and sulphur to produce iron(Il) 
sulphide. What mass of iron will react wi r : 


th 10 g of sulphur, and what mass of 


iro 
56 
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n(11) sulphide will be formed? Relative atomic masses of iron and sulphur are 
and 32, respectively. 


Solution The balanced equation for the reaction is 


Th 
sul 


Fey) +Sy) > Fe?* Si 
56 32 564-32 
uN 
88 


<. 56 g iron reacts with 32 g sulphur to produce 88 g iron(in) sulphide 
<. $$ g iron reacts with 1 g sulphur to produce 38 g iron(rr) sulphide 


*, $$ x 10 g iron reacts with 10 g sulphur to produce $3 x 10 g iron(n) sulphide 


us the reacting mass of iron is 3$ 10 = 17-5 g, and the mass of iron(i) 
phide formed is $$ x 10 = 27-5 g. 


Summary of Unit 3 


I 


2. 


10. 


11 


Relative atomic mass is the mass of one atom of the element compared with 

one-twelfth the mass of one atom of carbon (!?C). 

A mole is that amount of substance which contains Avogadro’s number 

(6-02 x 10?) of particles, whether they be atoms, ions or molecules. 

. A chemical formula uses symbols to show the numbers of the atoms of the 
elements contained in one molecule or smallest portion of a compound. 

. The empirical formula for a compound gives its elements written in their 
smallest whole-number ratio. 

. The molecular formula shows the actual number of atoms in one molecule 
of the compound. 

. The law of constant composition states that all pure samples of the same 
chemical compound contain the same elements in the same proportion 
by mass. 

. Anionic compound results from a combination of ions such that the resulting 
giant structure has no overall charge. The names of ionic compounds are 
based on the oxidation numbers of the elements in the compound. 

. The formula for a covalent compound is determined by the electron structure 
of the elements in the compound. 

. The law of conservation of matter states that during a chemical reaction the 

total mass of the reactants and products remains the same. 

A chemical equation is a representation of a chemical reaction using symbols. 

. A balanced equation containing state symbols indicates the relative number 
of moles of each reactant and each product and the physical states of these 
reactants and products. 

- A balanced equation is used to calculate reacting quantities. 
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Test Yourself on Unit 3 


1. 14:34 g of an oxide of lead was heated in a stream of dry hydrogen. 12-42 g of 
lead was obtained. Relative atomic masses of oxygen and lead are 16 and 207, 
respectively. 

(a) How many grams of oxygen were present in the oxide? 

(b) Calculate the number of moles of oxygen atoms. 

(c) Calculate the number of moles of lead. 

(d) How many moles of oxygen atoms were combined with | mole of lead? 

(e) Write down the formula of the oxide of lead used in this experiment. 


2. Give the formula for the following compounds: 
(a) sodium carbonate 
(b) iron(11) sulphate 
(c) zinc nitrate 
(d) aluminium hydroxide 
(e) silver chloride 
(/) potassium sulphite 


3. Name the following compounds: 
(a) Na* HSO; 
(b) Fe?* (NO), 
(c) Mg?^* 0?- 
(d) (NHJ), S?- 
(e) Hg?* S02- 


4. A hydrocarbon contains 143% by mass of hydrogen and has a relative 
molecular mass of 28. If the relative atomic masses of hydrogen and carbon are 
1-0 and 12-0, respectively, calculate the molecular formula of the compound. 


5. Molar solutions of silver nitrate [Ag* NO3] and of potassium chrom- 


ate(Vi) [Ki CrO$^] were prepared. The following mixtures were shaken in 
test tubes: 


` Volume of silver Volume of potassium Volume 
nitrate solution chromate(vi) of 
solution water 
| 

(a) 2cm? 3cm? 7 cm? 
(5) 3cm? 3cm? 6 cm? 
(c) 4cm? Sem? 5 cm? 
(d) 5 cm? 3 cm? 4 cm? 
(2) 6 cm? 3cm? 3 cm? 
() 7 cm? 3 cm? 2cm? 


8 cm? 3 cm? 1 cm? 
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After centrifuging the precipitates of silver chromate(v1) for the same length 
of time the height of the precipitate in each tube was measured and the results 
plotted as follows: 


T5r 


o5r 


Height of precipitate (cm) 


[*] 1 2 3 4 5 6 ra 8 
Volume of M silver nitrate added (cm?) 


(i) How many cm? of M silver nitrate react exactly with 3 cm? of M 
potassium chromate(v1)? 

(ii) How many moles of silver nitrate react exactly with 1 mole of potassium 
chromate(v1)? 

(iii) Write a balanced equation for the reaction. 

(iv) Why did the height of the precipitate stay constant in solutions (e), (f) 
and (g)? 


6. Iron(im) sulphate solution reacts with sodium hydroxide solution to give a 
red-brown precipitate of iron(m) hydroxide. The following equation is not 
balanced: 


Fei*(SO2 ),--Na*OH - > Fe?*(OH ),4-Naj SO2- 


(a) Which set of state symbols is most suitable? 
() (aq), (aq), (aq), (aq) 
(ii) (aq), (aq), (s), (s) 
(iii) (s), (s), (8), (s) 
(iv) (aq), (aq), (s), (aq) 
(v) (aq), (s), (aq), (aq) 


(b) Which set of numbers is most suitable to balance the equation? 
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7. 1-3 g of zinc was added to an excess of copper(11) sulphate solution: 


Zn, + Cu** SO;,,,, — Cu, - Zn?* SO2- 


4(aq) 


If the relative atomic masses of Copper and zinc are 63-5 and 65-0, respectively, 
what mass of copper would be produced? 
(a) 1:3 g, (b) 655 g, (c) 6:35 g, (d) 1-27 g (e) 1-5 g 


Mark this test out of 30 with the answers provided on page 371. 
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CALCULATIONS 


Gay-Lussac's Low 
of Combining Volumes 


Avogadro's Law 


We have now seen how a chemical reaction may be represented by an equation, 
and how equations may be determined from the masses of the reactants and 
products. In this Unit we shall extend the discussion to reactions which involve 
gases. 

With gases it is much easier to measure the reacting volume rather than the 
reacting mass. Unfortunately, the volume of a gas alone is insufficient to express 
the amount of matter present: it is necessary to know also the pressure and 
temperature of the gas. 


4.1 Compressing Gases: Boyle’s Law 


Unlike solids and liquids, gases are easily compressible. This is apparent when a 
tyre is inflated; a large amount of air is compressed into a small space; if the valve 
is opened, or the tyre punctured, the air will expand into the atmosphere. 

The effect of pressure on a fixed amount of gas at constant temperature is 
illustrated in Fig. 4.1. 

The values of pressure and temperature in Fig. 4.1 are such that the product of 
Pressure and volume gives the same result in each case: 


1x60 = 2x30 = 3x20 
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2 atmospheres 
i 3 atmospheres 
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f 
z 


Fig.4.1 Variation of pressure on a fixed mass of gas at constant temperature 
( Boyle's law) 


Repeated experiments suggest that, for any fixed mass of gas at a constant 
temperature, the product of pressure and volume is constant. So we can write 


PiXV, = P2X V2 = P3 X V3 etc. 


where V, is the volume of the fixed mass of gas at a pressure p;. and V is its 
volume at a different pressure p;. 

The volume of a fixed amount of gas decreases as the pressure is increased, and 
increases as the pressure is decreased. Robert Boyle (1627-91) made quantitative 
measurements on the variation of gas volume with changes of pressure, and 
formulated a law now named after him. This is Boyle's law and can be stated as 
follows: the volume of a given mass of gas is inversely proportional to the pressure 
upon it, provided the temperature remains constant. 

Using symbols, Boyle's law can be expressed as 

V oc i 
P 
where V is the volume of a fixed mass of gas at constant temperature, p is its 
pressure and oc means ‘is proportional to’. In the more useful form of an equation 
we can write this as 


pV = a constant 


where the constant varies according to the units of V and p. 


4.2 Heating and Cooling Gases: Charles’ Law 


There are three different temperature scales in common use. These are based on 
two constant temperatures: the melting point of pure ice under normal condi- 
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tions, and the temperature of steam from water boiling at atmospheric pressure 
101 325 N m-?(Pa) = 1 atmosphere = 760 mm of mercury). 

On the Celsius (or centigrade) scale the ice point is given the value 0°C and the 
steam point the value 100°C, while on the Fahrenheit scale these values are 
32°F and 212 °F, respectively. 

The Kelvin scale is used when describing the variations of gas volume with 
change in temperature. When a gas is heated it expands, and when cooled it 
contracts. J. A. C. Charles (1746-1823), a French physicist, discovered that the 
volume of a fixed mass of gas increases (or decreases) by 343 of its volume at 
0°C for every Celsius degree rise (or fall), the pressure remaining constant. As 
a gas is cooled, therefore, its volume will become less and less until at —273 °C 


Fahrenheit Centigrade Kelvin 
(Celsius) 

Boili int 

oof water. ----HI2^F----- 100°C----- 373 K 

Freezing point — __ 3o p i-us [seii 273 K 
of water 

O° F -17-8°C ia K 
Absolute... «tj aser ---Ll-273°C -= li K 


zero 


Fig.4.2 Relationship between the Fahrenheit, Celsius and Kelvin tempera- 
ture scales 


it would theoretically be zero. (In practice all gases liquefy before this temperature 
is reached.) By this reasoning —273°C must be the lowest temperature possible; 
it was therefore given the name absolute zero. On the Kelvin scale the value of 
absolute zero is 0 K, the ice point is 273 K and the steam point is 373 K. Thus 
to convert Celsius to Kelvin simply add 273 to the Celsius temperature. 

The relationship between the Celsius, Fahrenheit and Kelvin temperature 
Scales is illustrated in Fig. 4.2. 

Fig. 4.3 illustrates the way in which the volume of a fixed mass of gas varies 
as the temperature is increased, pressure being constant. 
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1 atmosphere 


1 atmosphere 


1638 cm? 


oc 273°C 546°C 
(i.e. 273 K) (i.e.546 K) (i.e. BISK) 


Fig. 4.3 Variation of temperature on a fixed mass of a gas at constant 
pressure ( Charles' law) 


These variations suggest that the volume divided by the temperature 
(measured in kelvins) always gives the same value: 


273 546 819 


Charles’ work on gases can be summarized as follows: the volume of a fixed mass 
of gas varies directly as the Kelvin temperature, pressure remaining constant. This 
is known as Charles? law. 

Using symbols, Charles' law can be expressed as 


Fc 


where V is the volume of a fixed mass of gas at constant pressure and T is its 
Kelvin temperature. In the more useful form of an equation we can write this as 


V = a constant x T 
V 


or m = a constant 
Ẹ 


For a fixed mass of gas the ratio of volume to temperature, measured in kelvins, 
must be constant at constant pressure. Thus 


where V, is the volume of the fixed mass of gas at a temperature T, K, and V; is 
its volume at temperature T, K. 
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4.3 The Combined Gas Law 


Boyle’s law and Charles’ law can be combined in the expression 


PV, _ Pile _ PaVs 


1 


T, T, T, 


etc. 


Thus, for a given mass of gas, the volume multiplied by the pressure and divided 
by the temperature measured in kelvins is a constant. This result is known as the 
‘combined gas law’ or ‘general gas law’. 


4.4 Standard Conditions 


The combined gas law is generally used by chemists to calculate gas volumes. It is 
convenient to be able to compare all gas volumes at one particular temperature 
and one particular pressure. 

A standard temperature of 273 K (or 0°C) and a standard pressure of 101 325 
N m"XPa) (or 1 atmosphere or 760 mm of mercury) have been selected. 
These conditions are known as Standard Temperature and Pressure, usually 
abbreviated to STP. 

The determination of gas volumes at STP is important in chemical reactions 
involving gases because it enables us to obtain information concerning the molar 
quantities reacting. Let us look at the following conversions. 


Example A student finds that the volume of carbon dioxide liberated during a 
chemical reaction is 65 cm?, measured dry at 20°C and 100 kPa pressure. 
What will the volume of carbon dioxide be at STP? 


Calculation The temperatures must always be converted into kelvins: 
20°C = (273+20)K 
= 293K 
Now we can apply the combined gas law, 


PiX V, _ paxXVa 


Ti TE 


where p,, V, and T, apply to the conditions of the experiment (i.e. p, = 100 
kPa, V, = 65 cm? and T, = 293 K) and pz, V; and T, apply to the standard 
conditions (i.e. p; = 101.3 kPa and T; = 273 K). 


In order to calculate V2, the unknown volume at STP, we isolate V, in the 
above equation: 
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Substituting the given data in this new equation, we have 


V, = 65 Pep 100 273 
"EN 101-3. 293 


= 59-78 cm? 


Rounding off to the nearest whole number (since the initial volume was given as 
a whole number), the volume at STP will be 60 cm? (Answer). 


4.5 Relative Molecular Masses 


It has been shown that the relative molecular mass of a gas is calculated by 
summing the relative atomic masses of the individual atoms in each molecule of 


the gas. For example, the relative molecular mass of the gas sulphur dioxide 
(SO,) is 


32+(2x 16) = 64 


The relative molecular mass of a gas expressed in grams is the mass of one mole 
of the gas. Let us calculate the volume of one mole of gas under standard con- 
ditions. This can be achieved if the density of the gas is known. Density is mass per 
unit volume under standard conditions of temperature and pressure. If the unit 
of mass is the gram, then the volume is measured in cm? ; if the mass unit is the 
kilogram, then the volume is measured in m°. 


Example What is the volume of one mole of hydrogen? 


Calculation The density of hydrogen gas (H;) is 0-089 88 kilograms per cubic 

metre (kgm™), or 0-000089 88 g cm~, and the mass of one mole is 2-016 g. 
mass 

volume 

Rearranging this density formula, we have 


density — 


mass 
volume — 


density 
Therefore the volume of 2-016 g of hydrogen at STP is 
2:016 5 
0-000089 gg ^" 
= 22430 cm? 


Thus one mole of hydrogen at STP occupies a volume of 22 430 cm?. 


The volumes occupied by one mole of other gases at STP can be similarly 
calculated and are shown in Table 4.1. 
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Table 4.1 Molar volumes of common gases 


Volume of one 


Gas Formula Density Density moleat STP 
geom? kg m=? cm? 
Hydrogen H5 0-000 089 88 0-089 88 22430 
Helium He 0-000 178 46 0:178 46 22430 
Nitrogen N2 0-001 250 51 1-250 51 22400 
Oxygen [071 0-001 428 98 1-428 98 22390 
Fluorine F; 0-001 696 1-696 22400 
Neon Ne 0-000 899 91 0:899 91 22430 
Carbon monoxide co 0-001 25003 1:25003 22410 
Carbon dioxide CO; 0-001 97696 1:97696 22260 


Molar Volume 

It will be seen from Table 4.1 that one mole of any gas occupies approximately 
the same volume at STP as one mole of any other gas. This volume 22 400 
cm? is called the molar volume (Vm). It is normally expressed at STP, but the 
molar volume would have a constant value (not necessarily 22 400 cm?) for 
all gases at any fixed temperature and pressure. 


Calculation of Relative Molecular Mass 
The concept of molar volume leads to a simple and effective method for 
finding relative molecular masses. 


Example 0-56 g of a gas has a volume of 448 cm? at STP. Calculate the relative 
molecular mass of the gas. 


Calculation 
448 cm? of gas at STP has a mass of 0-56 g 
^. 1 cm? of gas at STP has a mass of $$ g 
<’. 22400 cm? of gas at STP has a mass of 23$ x 22400 g = 28 g 


Thus the relative molecular mass is 28. 


4.6 Avogadro's Law 


We now know two important facts about one mole of any gas: 

(a) its volume at STP is 22 400 cm? (Vm), 

(b) it contains 6-02 x 10?? molecules. 
These two facts are summarized in Avogadro's law, which states that equal 
volumes of all gases under the same conditions of temperature and pressure contain 
the same number of molecules. 
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This law was first put forward in 1811 as a hypothesis by Amadeo Avogadro, 
an Italian physicist (see Section 3.1). A hypothesis differs from a law in that it 
refers to concepts which are incapable of direct experience. Since Avogadro could 
not count the number of molecules in a given volume of gas, his hypothesis only 
became a law when this was possible. 

Avogadro presented his hypothesis partly as a result of his consideration of 
Gay-Lussac's law of combining volumes (1808), which states that the volumes of 
gases taking part in a chemical change, either as reactants or products, bear a 
simple numerical relation to one another, provided that all measurements are made 
under the same conditions of temperature and pressure. Gay-Lussac’s law can be 
illustrated by the following experimental results: 


(a) One volume of hydrogen reacts with one volume of chlorine to give two 
volumes of hydrogen chloride. 

(b) Two volumes of hydrogen react with one volume of oxygen to give two 
volumes of steam. 

(c) Three volumes of hydrogen react with one volume of nitrogen to give two 
volumes of ammonia. 


(d) One volume of oxygen reacts with solid sulphur to give one volume of 
sulphur dioxide. 


The law applies to all reactions in which gases take part and it will be observed 


that the volumes of the gaseous substances are in the ratios of small whole 
numbers. 


Consider reaction (a) above: one volume of hydrogen reacts with one volume 
of chlorine to give two volumes of hydrogen chloride. Let one volume of gas 
contain n molecules, then, by Avogadro’s law: 

nmolecules of hydrogen react with n molecules of chlorine to give 2n molecules 

of hydrogen chloride. 


Therefore 1 molecule of hydrogen reacts with 1 molecule of chlorine to give 
2 molecules of hydrogen chloride. 


: If we assume that molecules of hydrogen and chlorine each contain two atoms, 
then: 


2 atoms of hydrogen react with 
hydrogen chloride. 


Therefore 1 atom of hydrogen combines with 1 atom of chlorine to give 
1 molecule of hydrogen chloride. From this we can conclude that one molecule 


of hydrogen chloride contains one atom of hydrogen and one atom of chlorine, 
i.e. its formula is HCI. 


2 atoms of chlorine to give 2 molecules of 


Consider reaction (c) above: three volumes of hydrogen react with one volume 


of nitrogen to give two volumes of ammonia. Let one volume of gas contain" 
molecules, then, by Avogadro’s law: 


3n molecules of hydrogen react with 
cules of ammonia. 


Therefore 3 molecules of hydrogen react with 1 molecule of nitrogen to give 
2 molecules of ammonia 


n molecules of nitrogen to give 2n mole- 
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If we assume that molecules of hydrogen and nitrogen each contain two atoms, 
then: 
6 atoms of hydrogen react with 2 atoms of nitrogen to give 2 molecules of 
ammonia. 
<. 3 atoms of hydrogen react with 1 atom of nitrogen to give 1 molecule of 
ammonia. 
From this we can conclude that one molecule of ammonia contains three atoms 
of hydrogen and one atom of nitrogen, i.e. its formula is NH;. 


These two examples illustrate the use of the laws of Avogadro and Gay-Lussac 
in deducing the formulas for gaseous molecules. 


4.7 Relative Density 


The relative density (or vapour density) of a gas is defined as the mass of a given 
volume of a gas compared with the mass of an equal volume of hydrogen measured 
under the same conditions of temperature and pressure. 

From a consideration of Gay-Lussac's law of volumes and Avogadro's law 
it can be shown that the relative molecular mass of a gas (or vapour) is equal to 
twice its relative density. 


mass of V cm? of gas 
mass of V cm? of hydrogen 


Relative density 


(provided that both masses are measured under the same conditions of tempera- 
ture and pressure). 
From Avogadro's law we know that V cm? of any gas contains the same 
number of molecules (say n molecules) as V cm? of hydrogen. Therefore 
mass of n molecules of gas 
mass of n molecules of hydrogen 


| mass of 1 molecule of gas 
~~ mass of 1 molecule of hydrogen 


Since the relative molecular mass of the hydrogen molecule is 2 (approximately), 
we have 


Relative density 


relative molecular mass of gas 
asciende e dn 


Relative density — 2 


QE Relative molecular mass of gas = 2 x relative density 


Thus the relative molecular mass is numerically equal to twice the relative 
density. Using this result we can determine the relative molecular mass of a gas, 
volatile liquid or a volatile solid simply by measuring its relative density. . 
Example The relative molecular mass of a gas was determined using the following 
information: 

Mass of a glass sphere evacuated of air = 102:325g 
Mass of a glass sphere filled with an unknown gas — 104281 g 
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Mass of a glass sphere filled with hydrogen at the same 


temperature and pressure — 102-415 g 
What is the relative molecular mass of the gas? 


Calculation 
Mass of unknown gas = 1-956 g 
Mass of hydrogen = 0-090 g 


~. relative density of unknown gas = 4:235 — 21:7 
-. relative molecular mass 


— 434 (Answer) 


4.8 Gas Calculations 


The following worked examples are intended to show how the chemist makes use 
of the gas laws discussed in this Unit. 


Example 4.1 Calculate the volume of carbon dioxide formed (a) at STP, (b) at 
20°C and 99:3 kPa pressure, when 5 g of calcium carbonate is strongly heated 
until no further gas is evolved. The relative atomic masses of calcium (Ca), 
carbon (C) and oxygen (O) are 40, 12 and 16, respectively. 


Calculation 
(a) The equation for the reaction is: 


Ca? "Cox; -heat, Ca?* Og; *COa, 


4x16 5--Q* 16 
( ) 12--(2x 16) 
100 44 


~. 100 g of calcium carbonate gives 44 g of carbon dioxide. 


ue a g is the mass of one mole of carbon dioxide and occupies 22 400 cm? 
at : 


-` 100 g of calcium carbonate gives 22 400 cm3 of carbon dioxide at STP 


^. 1 g of calcium carbonate gives de cm? of carbon dioxide at STP 


^. $ g of calcium carbonate gives ru: X 5 cm? of carbon dioxide at STP 


- 5 g of calcium carbonate give 1120 cm? 


Thus the volume of carbon dioxide a 
bonate — 1120 cm? (Answer). 


of carbon dioxide at STP 
t STP liberated from 5 g calcium car- 


(b) In order to convert the volume at STP to the volume at 20*C and 99:3 
kPa pressure, the general gas law 


Di Va p Vz. 
T = T, Is used. 


At STP: p, = 101-3 kPa, V, = 1120 cm3, 17:273 K 
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At 20°C: p; = 99:3 kPa, V, = unknown, T, = 20+273 = 293K. 


“V2, = Vi Pt, D 
P2 T, 
101-3kPa 293K 
V, = 1120 cn? 
2 = 1120 om x y kPa 23K 
= 1226 cm’. 


Thus the volume of carbon dioxide at 20°C and 99-3 kPa pressure is 1226 
cm? (Answer). 


Example 4.2 Calculate the volume of gas remaining at 120°C when 100 cm? of 
hydrogen is mixed with 100 cm? of oxygen and ignited. 


Calculation Since all volumes are measured at the same temperature and pressure, 
there is no necessity to use the gas laws. Also water is present as a gas at 120°C. 
The equation for the reaction is: 


2H + Oy > 2H3;0, 


2 molecules 1 molecule 2 molecules 
2n molecules 17 molecules 27 molecules 


This can be converted to a volume relationship using Avogadro's law: 
2 volumes of hydrogen react with 1 volume of oxygen to give 2 volumes of 
Steam. 
Relating this to the actual gas volumes: either 
(i) 100 cm? of oxygen would react with 200 cm? of hydrogen to give 200 cm? 
Steam, 
or 
(ii) 100 cm? of hydrogen would react with 50cm? of oxygen to give 
100 cm? steam. í 
It will be noted in (i) that 200 cm? of hydrogen is required but only 100 cm? is 
available. Thus alternative (ii) is relevant, and (100—50) cm? = 50 cm? of 
oxygen is unused. H 
At the end of the experiment the gas mixture would therefore consist of the 
steam formed (100 cm?) and the excess oxygen (50 cm?). Thus the total volume 
of gas at 120°C is 150 cm? (Answer). 


Example 4.3 The first stage in the manufacture of sulphuric acid involves 
burning sulphur with oxygen in the air to produce sulphur dioxide. A plant 
designer needs to know the volume of sulphur dioxide produced at 1 
atmosphere pressure and 500°C when large quantities of sulphur are burned. 
Calculate this volume for 50 kg of sulphur. The relative atomic masses of 
Sulphur and oxygen are 32 and 16, respectively. 
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Calculation 
The balanced equation for the reaction is: 
Si) +O2) > SO;, 
2 32+-(2 16 
3 +(2 x 16) 
64 
^. 32 g sulphur produces 64 g sulphur dioxide. 
Step 1: calculate the volume of sulphur dioxide at STP. 


64 g (1 mole) of sulphur dioxide occupies 22 400 cm? at STP 
`. 32 g sulphur produces 22 400 cm? sulphur dioxide at STP 


~. 1 g sulphur produces 22400 


cm? sulphur dioxide at STP 


«^ 50000 g (50 kg) sulphur produces “sai 


X 50000 cm? sulphur dioxide at STP 


= 35 10° cm? 
= 35m? 


Step 2: convert this volume at STP to a volume at 1 atmosphere and 500 °C using 
the general gas law 


PV, E 4) V; 
T, T 
At 500 Cepa atmosphere, KST 1 E (500+273) LFK 


AtSTP: p, =1 atmosphere, V, = 35 m3, T, = 273K 


x P: V2 T, 
<V, = — Qe 
à T, Py 
_1x35m3_ 773 
ZII i 
= 99-1 m3 (Answer) 


Note: the volume of oxygen used would also be 99.1 m? at 1atm pressure 
and 500°C. 


Summary of Unit 4 


l. The volume of a gas varies with temperature and pre j 
2. Boyle's law states that the volume ofa fixed mass of gas is ively »ropor- 
tional to the pressure upon it, provided the temperature retains ^on 


1 
Vo-. 
p 
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3. The volume of a fixed mass of gas varies directly with temperature measured 
in degrees kelvin, pressure remaining constant: Voc T. 

4. Absolute zero is the lowest attainable temperature and is zero on the 
Kelvin scale (0 K). 

. STP (standard temperature and pressure) is 273 K and 101 325 Pa (1 
atmosphere). 

. One mole of any gas occupies approximately the same volume (22 400 cm?) 
at STP. 

7. Avogadro's law: Equal volumes of all gases under the same conditions of 
temperature and pressure contain the same number of molecules. 

8. Gay-Lussac's law: The volumes of gases taking part in a chemical change 
(either as reactants or products) bear a simple numerical relationship to one 
another, provided that all measurements are made under the same con- 
ditions of temperature and pressure. 

9. Relative density of a gas is the mass of a given volume of a gas compared with 
the mass of an equal volume of hydrogen under the same conditions of 
temperature and pressure. 

10. Relative molecular mass of a gas is equal to twice its relative density. 


Ww 


a 


Test Yourself on Unit 4 


1. If the pressure on 100 cm? of air is halved, will its volume (at the same 
temperature) be: 
(a) 50 cm?, (b) 1000 cm?, (c) 200 cm?, (d) 25 cm?, (e) 100 cm?? 


2. A gas has a volume of 27-3 cm? at 0°C. What would its volume be at 10°C if 
the pressure remained unchanged? 

(a) 273 cm?, (b) 2:73 cm, (c) 283 cm?, (d) 28:3 cm}, (e) 37-3 cm? 
3. 8:40 g of sodium hydrogencarbonate was heated until its mass remained 
constant. The white residue, sodium carbonate, had a mass of 5.30 g. In a 
separate experiment 0-005 mole of sodium hydrogencarbonate was treated 
with excess dilute hydrochloric acid. The volume of dry carbon dioxide cor- 
rected to STP was 112 cm?. The relative atomic mass of hydrogen is 1, of 
carbon is 12, of oxygen is 16 and of sodium is 23. Use the above information 
to answer the following: 

eg fraction of a mole of sodium hydrogencarbonate has a mass of 

40 g? 

(b) What fraction of a mole of sodium carbonate has a mass of 5:30 g? 

(c) How many moles of sodium hydrogencarbonate are required to pro- 

duce 1 mole of sodium carbonate on heating? 

(d) Write a balanced equation for this reaction. 

(e) How many moles of gas were collected in the second part of the 

experiment? 

(f) Does the answer to (e) agree with the following equation: 


Na*HCO5,, -H* Cla, > Na+ Cla, -- CO; + H200 
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4. Calcium reacts with water as shown in the following equation: 
Cay --2H;0 > Ca?* (OH); + Ho 


What volume of hydrogen measured at STP would be liberated when 8 g of 
calcium reacts with excess water? The relative atomic mass of calcium is 40. 
(a) 4480 cm? (b) 2240 cm? (c) 1120 cm? (d) 0-4 cm? (e) 0:2 cm? 


5. A gas cooker burns pure gaseous methane to form carbon dioxide gas and 
water vapour according to the equation 


CH,44205, > CO;,,--2H;0 


When 32 g of methane burns: 
(a) How many moles of water are produced? 
(b) How many moles of carbon dioxide are produced? 
(c) What is the volume of this carbon dioxide at STP? 
(d) What volume of oxygen at STP is required to burn the methane? 
(Relative atomic masses: C — 12, H — 1) 


(8) 


6. The hydrocarbon butane C,Hjo burns in oxygen to give carbon dioxide and 
water vapour only. 


(a) Write a balanced equation for this reaction. 
(b) Calculate the minimum volume of oxygen needed for the complete com- 
bustion of 100 cm? of butane. 


(c) Calculate the volume of gaseous products formed by the complete com- 
bustion of 100 cm? of butane. 


Assume all gas volumes are measured at the same temperature and pressure. 


7. In an experiment to determine the relative molecular mass of an unknown 
hydrocarbon, the following results were obtained: 

Mass of evacuated flask = 84-640 g 

Mass of flask filled with nitrogen = 84-920 g 

Mass of flask filled with hydrocarbon = 85-420 g 

Volume of flask = 240 cm? 

(Relative atomic mass of nitrogen = 14) 

All observations were made at room tem, 
(a) Calculate the number of moles of 
(b) What is the volume occupied by 
mental conditions ? 


(c) What is the relative molecular mass of the unknown hydrocarbon ? 


perature and pressure. 
nitrogen. 


1 mole of nitrogen under these experi- 


Mark this test out of 20 with the answers provided on page 372, 


Unit Five 
Matter and Electricity 


EFFECT OF ELECTRICITY ON MATTER 


Electrochemical 
series 


The faraday 


Quantitative 
electrolysis 


Electrochemical 
cells 


Competition for 
electrons 


It has already been established in Unit 2 that matter is electrical in nature. Would 
we therefore expect matter to be affected by an electric current? 

In answering this question, Unit 5 explores the effects of electricity on different 
types of matter and interprets the information in terms of ions and electron flow. 
Quantitative studies lead to the determination of the relative charges on ions. 

Investigations into simple electrochemical cells develop the concept of an 
‘activity series’ for the elements, and first ideas and applications of an electro- 
chemical series follow from the cells investigated. 


5.1 The Effect of Electricity on Matter 


(a) Solids 
The circuit shown in Fig. 5.1 can be used to test the conductivity of different 
solid materials. 

The source of electricity is arranged to give 6 volts: it can be a laboratory 
low-voltage supply, a dry cell, or a battery pack. 

An ammeter (or a torch bulb) is used to detect the flow of an electric current. 
Two test probes (electrodes) made of graphite are used to test materials (two 
Steel nails are an acceptable substitute). When the probes are touched together 
the circuit is completed, and the presence of a current is indicated by a reading on 
the ammeter, or the torch bulb becoming illuminated. Various solid materials 
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Ammeter (or torch bulb) 


Material under test 
Todo 


Moterial under test 
Fig. 5.1 Circuit used to test the electrical conductivity of solids 


are shown in Table 5.1. 
With the exception of graphite, 800d conductors could almost all be classified 
as metals. The most distinctive Property of metals is their high electrical 


conductivity. 
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Table 5.1 Conductivity of solids 


Solid conductors Solid insulators 
1. All metals 1. Most non-metals 
e.g. iron e.g. sulphur 
copper phosphorus 
lead iodine 
aluminium diamond 
sodium etc. 
potassium 
etc. 2. Most solid compounds 
(graphite, a non-metal, is an e.g. sodium chloride 
exception) lead(i) bromide 


copper(i) sulphate 
potassium iodide 
naphthalene 
paraffin wax 
plastics and rubbers 
sugar 

etc. 


flow of electrons, in a conductor causes no change in the chemical nature of the 
conductor. 

Non-conductors do not possess these mobile electrons and therefore do not 
conduct an electric current. 


(b) Liquids 
Liquids are tested directly; solid non-conductors are heated until they first melt 
before testing. 

The apparatus required is shown in Fig. 5.2. It is similar to that used with solids, 
except that the two probes are mounted in an insulating support at a set distance 
apart and the materials are tested in a crucible. 


+ de = 


Ammeter 


JlEZZZA Support (insulated) to maintain probes 


ot set distance oport 


Material under test 


Heat if necessary 
Fig. 5.2 Apparatus used in testing the effect of electricity on liquids 
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Table 5.2 Conductivity of liquids 


Conductors Electrolytes Non-electrolytes 


1. Mercury,the only — 1. All ionic compounds in 1. Covalent liquids 


common liquid the fused (molten) state e.g. tetrachloromethane 
metal at room e.g. molten sodium (carbon tetra- 
temperature chloride chloride) 
molten lead(i) benzene 
bromide petrol 
molten potassium 
iodide 
molten sodium 
hydroxide 
2. All molten metals 2. Covalent substances in 
e.g. molten lead the fused state 


e.g. molten plastics 
molten sulphur 


Table 5.2 classifies the conductivity of liquids in three groups: 


(i) those that pass an electric Current and are not decomposed by it 
(conductors) 


(ii) those that pass an electric current and are decomposed by it (electrolytes) 
(tii) those that do not pass an electric current (non-electrolytes). 


Strong electrolytes 


Weak electrolytes Non-electrolytes 
1. Solutions of ionic compounds 


eg. 38 f 
e.g. sodium chloride solution & ethanoic acid Solutions of most 


bsc Los (acetic acid covalent compounds 
potassium iodide solution aqueous : e.g. su: at a 
copper(t) chloride Solution ammonia pres i 
etc. starch solution 


2. Substances which react with water to 
produce ions 
€.g. hydrogen chloride gives 
hydrochloric acid with water 
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therefore it is necessary to use an ammeter in the circuit to differentiate them. 
A large deflection on the ammeter indicates a strong electrolyte, whereas a small 
deflection shows a weak electrolyte. 


(d) Gases 
Gases do not conduct an electric current under normal conditions. 


5.2 Decomposition of Substances by an Electric Current 


We have seen that metals and graphite conduct electricity without any change, 
whereas molten electrolytes and those dissolved in water are decomposed when 
acurrent flows through them. How do we account for this decomposition? 


(a) Molten Electrolytes 

Let us consider the action of electricity on lead(11) bromide. Lead(1) bromide is a 
white crystalline salt which has the advantage (for our present purpose) of a 
relatively low melting point, but in fact any other ionic salt would give similar 
results. Testing the salt in an apparatus like that of Fig. 5.2, we find that no current 
flows while the lead(11) bromide remains a solid. As soon as it melts current flows 
and bubbles of red-brown bromine gas can be seen at the anode, i.e. the electrode 
connected to the positive side of the battery. After heating is discontinued, current 
continues to flow until the liquid solidifies. A bead of metallic lead is found at 
the cathode, i.e. the electrode connected to the negative side of the battery. 

Can these observations be explained in the light of our knowledge about ionic 
solids such as lead(ir) bromide? Solid lead(it) bromide consists of dipositive lead 
ions and negative bromide ions arranged in a rigid crystal-lattice framework. 
On heating lead(i)) bromide, the ions vibrate more and more violently as the 
temperature rises. At a particular temperature, the melting point, the vibration 
becomes so strong that the crystal lattice is destroyed and the ions become free to 
move. The positively charged lead(11) ion is attracted towards the negative 
cathode, where it loses its positive charge by gaining two electrons to become a 
lead atom. The collection of many of these lead atoms results in the formation of 
à bead of lead. At the same time negative bromide ions are attracted towards the 
Positive anode, where they each lose one electron to become bromine atoms. 
Two such reactive atoms combine immediately to produce molecules of red- 
brown bromine gas. For electrical neutrality it is necessary for two bromide ions 
to be discharged for every one lead ion. 


Electrode Reactions 
(a) CATHODE: Pb?* +2e > Pbay 


(b) ANODE: 2Br~—2e > a 
2Br > Bro 
Such a process, where an electrolyte is decomposed by an electric current, is 
called electrolysis. 
The electrolysis of molten electrolytes liberates metals at the cathode and 
non-metals at the anode. This is summarized in Fig. 5.3. 
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+ dc- Flow E n 


Cathode (negative) 


F Y 
RN Of positive Molten meto! solt 


eg pm e.g. leod(n) bromide 
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Thus aqueous solutions of electrolytes possess electrical conductivity because 
of these mobile hydrated ions. Electrolysis of aqueous solutions results in the 
formation of metals and hydrogen at the cathode, and non-metals at the anode. 
Water itself produces a few hydrogen and hydroxide ions 


H,0q) > Hi, +OH gy 


These ions play an important part in the electrolysis of aqueous solutions and 
are often liberated at the electrodes. We will consider this effect in more detail in 
Section 5.10. 

In metals electrons move independently, but in solutions and melts they move 
only as constituents of ions. An electron leaving a wire or electrode to enter a 
solution must become associated with a cation at the cathode. An electron 
leaving a solution or melt must come from an anion at the anode. These processes 
occur simultaneously whenever current flows. 


5.3 Movement of Ions during Electrolysis 


What evidence is there to show that ions actually move towards the electrodes 
during electrolysis? The following experiments provide visual confirmation for 
this movement of ions. 


Experiment 5.1 Demonstration of the mobility of ions 
A strip of filter paper about 3 x 8 cm is completely moistened with a little dilute 
potassium nitrate solution and placed on a clean dry watch glass. The paper 
is then connected to a source of direct current (d.c.) of about 15 volts, using 
a pair of crocodile clips as shown in Fig. 5.5. 

+ dc - 


| Sote 
(15 volts) 


Watchgloss 
Filter paper strip 
sooked in 


Crocodile clip 


Blue zone due to hydrated 


Yellow zone due to' 
copper (11) ions 


Chromate(v1) ions 


Suspension of copper(m) chromate(VI) in potassium 
nitrate solution 


Fig. 5.5 Movement of copper(w) and chromate(v1) ions 
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A suspension of yellow copper(I!) chromate(vi) in potassium nitrate solu- 
tion is placed in the centre of the filter-paper strip. After a short while the 
blue colour of the hydrated copper(1n) ion Cu&s, is seen to move in the 
direction of the cathode, while the yellow chromate(vi) ion CrOQ; moves 
towards the anode. 

The experiment can be repeated using other coloured water-soluble ionic 
crystals such as potassium manganate(vi) (potassium permanganate) 
K*MnO;, nickel(11) chloride Ni?*Clz, cobalt(ir) nitrate Co? * (NO3); etc. In 
each case the coloured ion or ions move to the appropriate electrode. 


Experiment 5.2 Demonstration of the movement of. hydrogen ions and hydroxide 
ions 

This experiment provides evidence for the movement of colourless ions by allow- 
ing them to react with a coloured dye (bromothymol blue) solution as they move 


[Potassium nitrate solution 


Blue band Proving presenc 


Of OH) ions Ja Yellow bond Proving presence of Hoa ions 


Gel of bromothymol blue, fassium nitrate 
Ond gelatin 2d 
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and allowed to set. Potassium nitrate solution is poured on top of the gel (jelly) 
to fill both sides of the tube. Two unreactive (e.g. platinum or carbon) electrodes 
are placed in the colourless potassium nitrate solution, one in each limb of the U 
tube, as shown in Fig. 5.6. 

On connecting to a direct-current (d.c.) supply of about 50 volts, a yellow band 
appears above the gel at the cathode and a blue band appears above the gel at the 
anode side of the U tube. This shows that Hi, ions are moving towards the 
cathode and OH,,) ions are moving towards the anode. 


5.4 The Faraday 


An electric current, the flow of electrons round a circuit, is measured in units 
called amperes, often abbreviated to amps. The quantity of electricity passing 
when a current of 1 amp flows for 1 second is called a coulomb. Thus when / amps 
flow for t seconds the quantity of electricity is 7X t coulombs. 


(a) Quantitative Electrolysis of Lead(1) Bromide 

When molten lead(11) bromide is electrolysed, lead is formed at the negative 
cathode and bromine at the positive anode. Is there any relationship between the 
mass of lead formed and the quantity of electricity passed through the melt? In 
order to answer this question we need to modify the circuit used in Fig. 5.2 by 
introducing a rheostat (a variable resistor). This enables a steady current to be 
maintained during the electrolysis. 

The melt is cooled after the passage of a known quantity of electricity, enabling 
the bead of lead to be extracted, cleaned and weighed. Comparison of various 
masses of lead produced by known quantities of electricity shows that the mass of 
lead produced is proportional to the quantity of electricity flowing. Thus if 
twice the current is passed, twice the amount of lead is liberated. In general it is 
found that the mass of a substance liberated during electrolysis is proportional to 
the quantity of electricity flowing. This is often referred to as Faraday's first law of 
electrolysis. 


(b) Quantitative Electrolysis of Aqueous Solutions 

Electrolysis of aqueous solutions usually leads to the liberation of hydrogen or a 
metal at the cathode. If we electrolyse silver nitrate solution using silver elec- 
trodes, and copper(i) sulphate solution using copper electrodes, silver and 
copper are deposited at the respective cathodes. See Fig. 5.7. 


Experiment 5.3 Determination of the mass of silver and copper liberated by the 
same quantity of electricity 
In Fig. 5.7, R isa rheostat with the aid of which the current is controlled so that the 
ammeter A shows a steady reading. 

The clean dry cathodes are weighed and then connected as shown. Beaker 
X contains dilute silver nitrate solution with silver electrodes, while beaker Y 
contains dilute copper(t1) sulphate solution with copper electrodes. A steady 
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source 


Ammeter 


Switch 


Silver Copper 
electrodes electrodes 


= 
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Fig. 5.7 Determination of the masses of silver and copper liberated by the 
Same quantity of electricity 


Y adjustment of the rheostat) is passed 
of time (0-2 amps for 30 minutes would 


ensure that metal is not lost from the electrodes, 


Results 

Mass of silver cathode before experiment = 2:054 g 

Mass of silver cathode after experiment = 2:457 g 
mass of silver deposited = 0-403 g 


Mass of copper cathode before experiment = 6-430 g 
Mass of copper cathode after experiment = 6-549 g 
mass of copper deposited = 0119g 


A current of 0-2 amps was passed through both solutions fo; 
the quantity of electricity (in coulombs) which passed was 
seconds) — 360 coulombs. 


t 30 minutes. Henze 
(02 amps) x (30 x 60 
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Calculation 
In order to calculate the number of coulombs of electricity required to liberate 


107-9 g of silver, i.e. one mole of silver, the results of this experiment can be used 
in the following way. 
By experiment: 

0-403 g of silver is liberated by 360 coulombs 

can x 107-9 coulombs 
= 96 390 coulombs 

Repeated experiments suggest that an accurate value for the quantity of 
electricity required to liberate one mole of silver is 96 487 coulombs. This quantity 
is called the faraday. Thus one faraday of electricity liberates one mole of silver. 

A similar calculation enables us to find the number of coulombs required to 
liberate 1 mole (63:54 g) of copper. 

0-119 g of copper is liberated by 360 coulombs 


7. 63-54 g of copper is liberated by RS 


— 192200 coulombs 


This value, 192 200 coulombs, is approximately two faradays. Thus two faradays 
of electricity are required to liberate one mole of copper under the conditions of 
the experiment. 

Within the limits of experimental error it is found that the quantity of electricity 
required to liberate one mole of any element is never less than one faraday: it is 
vta either exactly one faraday or a whole-number multiple (2, 3 or 4) of one 
araday. 


<. 107-9 g of silver is liberated by 


x 63:54 coulombs 


5.5 Quantity of Charge on an Ion 


One faraday is the least quantity of electricity that will liberate one mole of any 
metal from a solution or melt of its ions. Since an electron is the least possible 
quantity of electricity, we may assume that one faraday is one mole of electrons 
(thinking of electrons as charges rather than as particles). In the deposition of one 
mole of silver at a cathode during electrolysis one faraday is required. Therefore 
one mole of silver ions reacts with one mole of electrons to produce one mole of 
silver atoms. Thus one silver ion reacts with one electron to produce one silver 


atom: 
Agigte > Ago 


Two faradays are required to liberate one mole of copper from a solution 
Containin g copper(nm) ions. Thus by similar reasoning one copper(I) ion will 
Teact with two electrons to produce one copper atom: 


Cugat 2e > Cue 


Thus the number of faradays required to liberate one mole of any element tells us 
the charge on the ion of that element. 
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5.6 Faraday’s Laws of Electrolysis 


We have found in Sections 5.4 and 5.5 that 

(i) The mass of substance liberated during electrolysis is proportional to the 
quantity of electricity flowing. 

(ii) The liberation of one mole of any element during electrolysis requires an 
integral number of faradays, i.e. 1, 2, 3, or 4. 

These conclusions are known as Faraday's laws of electrolysis. 


5.7 An Electrochemical Cell 


The electrodes, electrolyte solution and container used in our electrolysis ex- 
periments constitute an ‘electrochemical cell’. Is it possible to construct such a 
cell in which, instead of a current decomposing chemicals, chemicals react to 
produce an electric current? Towards the end of the eighteenth century, Luigi 
Galvani and Alessandro Volta acquired fame by their discovery that this is indeed 
possible. Volta found that electricity was produced by chemical reaction between 
two different metals, and made the first practical battery. 

The two metals used by Volta in his battery were copper and zinc. It can be 
shown by experiment that if copper is added to zinc sulphate solution no 
reaction takes place, whereas if zinc is added to copper(ir) sulphate solution 
the blue colour of the hydrated copper(I!) ion gradually disappears and a 
reddish brown sludge of copper is deposited. 

Equations 
Cu,,--Zn** SO2.., — no reaction 


Zn F Cu?*$03;,, E Cu, + Zn? t502- 


‘4(aq) 
The ai above can be explained in terms of electron loss and gain. Each 
atom of zinc loses two electrons to each Copper ion in the solution: 


Zn 2 Zn?* 4 2e 

Cu?* +2e 3 Cu 
These are called half-reacti RA ; 
called oxidation, and the bita cl reaction in which electrons are lost is 
reduction. Although there is a transfer 


Yet not allowed to mix. The 
a cardboard partition Which, on becoming 
the elect 
more satisfactory ei rolytes. However, 
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Voltmeter 


Electron flow 


Copper (1) sulphate 
solution 


Zinc 
Zinc plate sulphate Ae 
(Zn Zn2* +2) Solution Copper plate (Cu** + 2e —Cu) 
Cardboard partition 


Fig. 5.8 A simple primary cell 


The zinc rod in the Daniell cell gradually dissolves as atoms of zinc lose 
electrons to become zinc ions. These electrons pass through an external wire 
circuit to the copper container where copper(i) ions from the copper(I!) 


sulphate solution are converted into metallic copper. Copper(t) sulphate 


Copper container 


Zinc sulphate Copper(m) sulphate 
(saturated solution) 


solution 


E Copper(m) sulphate (crystals) 


Porous pot container 
Fig. 5.9 The Daniell cell 
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crystals are present to maintain a saturated solution. A voltmeter connected 
across the terminals of the cell registers 1-1 volts. This voltage, recorded when 


there is no current flowing, is known as the electromotive force (e.m.f.) of the 
cell. 


A shorthand notation has been developed for a cell: by convention, the 
half-cell in which oxidation occurs (zinc in this case) is written on the left- 
hand side and the half-cell in which reduction occurs (copper in this case) is 
written on the right-hand side (remember: reduction on the right). For the 
cell illustrated in Figs. 5.8 and 5.9 this notation, termed a cell diagram, would 


thus be: 
Zn) Zn) | | Cuh Cuo) 
oe T ] 1 
metal aqueous solution salt bridge aqueous solution metal | 
terminal in contact with or porous in contact with terminal 


metal terminal pot 


By using different combina: 
solution of the metal salt), 
cells delivering different 
voltages? 


metal terminal | 


tions of metals in a suitable electrolyte (often a 
it is possible to construct a variety of electrochemical 
voltages. How can we account for these different 


5.8 Competition for Electrons 


The half-reactions in the Daniell cell are 


and Zn — Znà3) +2e 
{aq +2e > Cu, 
These half-reactions can be viewed iti 
as a co i 
Meth E mpetition between two kinds of metal 


s. In this case zinc atoms 


z are the more reactive and their 
tendency to lose electrons is greater than that Et 


of copper. 


two solutions. This is 
whales s Is called : U tube is plugged with cotton 
prevent mixing of the Solutions cto, 


Observations 
As soon as the circuit is complete s 
"bie } a current is recorded on th 
e 
direction of this current shows that the flow of electrons th: ammeter, and the 
from the copper to the silver. The ns through the circuit is 


co : 7 
by deposition of silver atoms. pper rod dissolves and the silver rod grows 
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Electron flow 
*Saltbridge' of 
Electron Potassium nitrate 
flow solution 

| \ 
N 
N 

Silver rod— N Copper rod 
N 
be 


(Se 


opper(1) sulphate 
solution 


Silver nitrate solution— 


Cotton wool plug 
Fig.5.10a Investigating the reactions which occur in an electrochemical cell 


In a similar cell to that in Fig. 5.10a, using 0-1 M zinc nitrate and 0-1 M 
copper(r) sulphate, the electron flow in the circuit is from zinc to copper. 
Zinc dissolves and copper is deposited on the copper plate. ; 

The voltages of these two cells can be measured using a voltmeter, see Fig. 
5.10p. 

Voltmeter 


(D— 


Electron flow Electron flow 


‘Salt bridge" 


Silver rod f, Copper rod 


Copper) sulphote 


Silver nitrate solution 


solution 


Cotton wool plug 
Fig. 5.10b Measuring the voltage produced by an electrochemical cell 
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In the copper/silver cell the electron flow indicates that copper metal has a 
greater tendency to lose electrons than silver metal. Thus the reaction 
Cu, ^ Cue + 2e 
Will occur more readily than the reaction 
Ags) + Agdg te 
In the copper/zinc cell the electron flow indicates that the reaction 
Zn) > Zn + 2e 
Will occur more readily than the reaction 
Cu, > Cugé) 2e 


We have thus established a reactivity series for the elements zinc, copper and 
Silver. It is 


Zn) > Znáa- 2e 


Cu, + Cut) 2e 


reactivity 


Agi) > Agia te 


From our list we would ex 


pect that a cell constructed from zinc and silver 
would react to produce zin 


c ions and silver metal. This is indeed so. Cell 


Table 5.4 The electrochemical Series 


Name 


Half-reaction Standard reduction potential 
f volts 
Potassium Kayte > Ko —2-92 
Calcium Cai t2e 4 Cau -2:387 
Sodium. Nagig te > Nag) -271 
Magnesium Mgàj + 2e + Mg, —2:34 
Aluminium Ali +3e 4 Al) — 1-67 
Zine Zni3 *2e + Zn.) —0-76 
Iron(r) Fed + 2e > Fei; —0-44 
Tinn) Sná3 + 2e + Sny —0-14 increasing 
Lead(1) Pbi --2e + Pb, —0:13 ease of 
Hydrogen 2Há 2e + Hag 0-00 reaction 
Pigs. ‘ Cuh +2e > Cu, 40:34 (more 
S d a ion TQ + Ory de 40H +0-40 positive 
Pss Fo Edid a prs potential) 
Mercury(i) Hegi 2e > Hgo A he 
Bromide ion Broy+2e + 2Brag + $5 
Pera ion Cho;4-2e + 2Clo + ve 
o! Auda + : 
Sulphate ion S n ee EI 
Fluoride ion m R1 
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voltage indicates the tendency for a reaction to occur: the greater the voltage, the 
more likely the reaction. One would expect the cell voltage for the zinc/silver 
cell to be greater than either the zinc/copper or copper/silver cells. This is also 
true. The reactivity series for all the elements is called an electrochemical series. 


5.9 The Electrochemical Series and Reduction Potentials 


The reactions taking place in a cell can be expressed in terms of two half-reactions 
in two half-cells. In one half-cell electrons are lost: this is the oxidation half-reaction. 
In the other half-cell electrons are gained: this is the reduction half-reaction. When 
combined, these two half-reactions express the overall reaction in an oxidation- 
reduction or redox reaction. In all such reactions the number of electrons lost is 
equal to the number of electrons gained. 

It is impossible to measure the actual voltage (e.m.f.) for any half-cell by itself 
because both half-cell reactions occur simultaneously. Chemists have adopted the 
quite arbitrary method of choosing the hydrogen half-reaction 


2Hág + 2e > Hao 


and calling its e.m.f. zero when the effective concentration of hydrogen ions is 
one mole in 1000 g of water at 25°C. This serves as a standard for comparing 
other half-cell e.m.f.s. These values can be positive or negative according to 
whether the half-reaction is more likely (in which case it is positive) or less likely 
(in which case it is negative) to take place than the hydrogen half-reaction. The 
e.m.f.s. of these half-reactions can be termed reduction potentials and a list of 
such potentials is called the electrochemical series, sec Table 5.4. 


5.10 Using the Electrochemical Series 


Positive e.m.f. values in the electrochemical series (Table 5.4) indicate that 
the half-reaction will readily occur. The greater this positive value, the more 
readily the half-reaction will occur. Thus fluorine will form fluoride ions 
(reduction potential --2:87 V) more readily than chlorine will form chloride 
ions (reduction potential + 1:36 V). 

Similarly the reduction of potassium ions to potassium metal (—2:92 V) 
will be much more difficult than the reduction of zinc ions to zinc metal 
(—0:76 V). The converse of this is also true, in that potassium metal will 
form potassium ions much more readily than zinc metal will form zinc ions. 

We say that fluorine is more reactive than chlorine, 
more reactive than zinc. 


and that potassium is 


(a) Predicting the Voltage of a Cell 
Consider the Daniell cell (see Section 5.7) in which there 
half-reactions: 


are two possible 


Half-reaction em. 
Znà$ + 2e > Zn) —0-76V 
Curt) +2e4 Cus) +0:34V 
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The reduction reaction with the most positive e.m.f. is more likely, that is, 
copper ions will be reduced to copper metal. Thus zinc metal must also be 
oxidized to zinc ions for complete reaction. In any cell there must always be 
à reduction half-reaction and an oxidation half-reaction. 

The cell diagram is constructed with the oxidation half-reaction on the left- 
hand side and the reduction half-reaction on the right: 


Zn | Zna || Cues) | Cue 


The e.m.f. of such a cell is always calculated: 


e.m.f. (cell) = e.m.f. (right-hand-side) — e.m.f. (left-hand-side) 
[+0:34 — (-0-76)] V 
10 V 


ll 


+1 


Note: 


(i) The cell reaction is obtained by adding the oxidation half-reaction to the 
reduction half-reaction: 


Zn) — Zn) + 2e Oxidation 
Cug + 2e — Cu, Reduction 
Adding: Zn, + Cui > Zn$j + Cu Cell reaction 


Gi) Electrons do not appear in the overall cell reaction. 
i (iti) A Positive value for the e.m.f. indicates that the cell will operate in the 
direction indicated by the overall cell reaction, 


W) This calculated value for the e.m.f. (1-10 V) agrees with the measured 
value. 


Another cell we have considered was the copper/silver cell: 


Half-reaction emf. 
Cue) + 2e+ Cup) +034 V 
Agan + e> Ago +0-80 V 


The reduction half-reaction (the one with the most positive e.m.f.) must be: 


Aga) + e > Agi 
Hence the oxidation reaction must be: 


Cu) + Cuk + 2e 
The cell diagram would thus be: 


Cu | Cugs ll Agi. | Agi) 
and its e.m.f. is given by: 


emf. = em f. (right. mae 
x io aa Taid side) — em f. (left-hand-side) 
= *046 y 


=~ hp, 
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Note: 
(i) The cell reaction is obtained by adding the oxidation half-reaction to 


the reduction half-reaction. 
Cu — Cuka + 2e Oxidation 
2 x [Agia + €— Ago] Reduction 


Adding: Cus) + 2Agáq — Cuka + 2Ag» Cell reaction 


(ii) As no electrons must appear in the overall cell reaction, the silver half- 


reaction needs to be doubled. 
(iii) The e.m.f. of the silver half-reaction remains +0-80 V, because this 


does not depend upon how many moles we consider: 


Aga + € > Ago e.m.f. = 0-80 V 
2Agág + 2e > 2Ago%) e.m.f. = 40:80 V 


(iv) The e.m.f. of the cell, +0:46 V, shows that the cell reaction proceeds 
spontaneously in the direction indicated. 


(b) Predicting Chemical Reactions 
The electrochemical series can be used by a chemist to predict not only cell 
reactions, but also what chemical reactions can occur spontaneously. 


Suppose we wish to know whether any reaction will take place if an iron 
pen-knife blade is dipped into a solution of copper(i) sulphate. 


The half-reactions are: 


Fefag) + 2e > Few e.m.f. = —0-44V 
Cuad, + 2e + Cu) e.m.f. = + 0:34 V 


This tells us that it is easier to reduce Cufq) ions to copper metal (greater 
positive e.m.f.) than it is to reduce Fei, ions to iron metal. Therefore copper(1!) 
ions are reduced to copper metal and iron metal must be oxidized to iron(11) 
ions, 


Cutt) + 2e — Cus) Reduction 
Fes) — Fea + 2e Oxidation 


Adding: Cuĝ&h + Few — Cui + Fed Cell reaction 


(c) Selective Discharge of Ions 
How do we account for the fact that when an aqueous solution of sodium 
hydroxide is electrolysed using inert platinum electrodes, hydrogen is liberated 
at the cathode and oxygen at the anode? The electrochemical series helps us to 
predict which ion is capable of accepting or yielding an electron when several 
different ions may be present at an electrode. 
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Sodium hydroxide solution 


Hydrogen (2 volumes) 


Plotinum onode —Platinum cathode 


source 
(6volts) 


Fig.5.11 The Hofmann voltameter 


(i) Let us consider the electrolysis of sodium hydroxide solution in a Hofmann 
voltameter (Fig. 5.11) where 


the electrodes are made of platinum and take no 
part in the reaction, 


Tons at the cathode 


Ions at the anode 
Naga from the Na*OH.- OH,, from the Na*OH,., 
Hq) from the water OH, from the water 
Cathode reaction Anode reaction 
The Possible half-reactions are either — Since only OH, ions are present the 
Naga te > Na, only possible reaction is the evolution 
Coi = —2-7] volts) of oxygen: 
Mitea Hi 40H > 2H204, + Or) + 4e 
(e.m.f. = 0-00 Volts) 
The second al 


* and is theref, 
more probable than the deposi ore 
sodium, 


Net result 
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(The cathode half-reaction is doubled so that electron gain at the cathode 


balances electron loss at the anode.) 


Thus two moles of hydrogen are produced for each mole of oxygen. 


(ii) Let us now consider a case where the electrodes are not inert. During the 
electrolysis of copper(it) sulphate solution using copper electrodes, copper is 
deposited at the cathode and the anode dissolves. 


Tons at the cathode 
24 

em) 

H from the water 


Cathode reaction 
The possible half-reactions are either 
Cud --2e + Cu, 
(e.m.f. = + 0:34 volts) 
or 
2H +2e > Hag 
(e.m.f. = 0-00 volts) 
The first alternative (deposition of 
copper) has the more positive e.m.f. 
and is therefore more probable than 
the evolution of hydrogen. 

So copper is deposited. 


Net result 


Ions at the anode 
SOÀ 
OH,,,) from the water 


Anode reaction 
Three half-reactions are possible: 
SO > SO; + 2e 
(e.m.f. — — 1:90 volts) 
or 
40H > 2H20, + Org) + 4e 
(e.m.f. — —0-40 volts). 
or 
Cus, ^ Cuag + 2e 
(e.m.f. = —0-34 volts) 
The third alternative (dissolution of 
copper) has the most positive (i.e. 
least negative) e.m.f. and is therefore 
the most probable. 

So copper dissolves. 


Cuàj + 2e— Cu, and Cuy)—> Cuag + 2e 


Copper is deposited at the cathode and the same amount of copper dissolves 
from the anode; the concentration of the solution remains unchanged. This 
reaction is the basis for the purification of crude copper, described in Section 
9123; 

(Note that if the electrodes are inert, e.g. platinum, hydroxide ions are 
discharged at the anode and the solution loses its blue colour.) 


5.11 Cells in Everyday Use 


The cells we have considered so far suffer from two major disadvantages: they 
are not easily recharged and, since they contain liquids, they are difficult to 
transport. The two most important cells in everyday use each overcome one of 
these difficulties. 


(a) The Dry Cell 

The dry cell (or torch battery) is a primary cell which is cheap to produce and 
contains no dangerous liquids. It is sealed and the reactive substances are present 
in the form of pastes (see Fig. 5.12). 
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Brass conducting cap 


Material to seal 
the battery 


Carbon (graphite) rod 


Poste of mangonese(rv) oxide 
and graphite 


Paste of ammonium chloride 
and zinc chloride 


(b) The Lead Storage Cell 

Although this Secondary cell contains a 
trated sulphuric acid), its outstanding a 
because the two half-reactions in the 


constitute a motor-car battery deliverin 
lead Storage cell. 


Corrosive liquid (moderately concen- 
dvantage is that it can be recharged 
cell are reversible. Six of these cells 
£ 12 volts. Fig. 5.13 shows part of the 


Leod grill 
filled with 
Spongy lead 


Sulphuric acid 
Fig. 5.13 Part of a lead Storage battery 


- > 
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The positive plateisa lead grill filled with lead(1v) oxide, while the negative plate 
consists of a similar lead grill filled with spongy lead. The grills are immersed in 


sulphuric acid. 
During discharge of electricity from the cell, the two half-reactions are: 


Pb)-+SO3(q) > Pb^* SOS, +2€ 
Pb^* 03,5 +SOk(eq) -4Hq, 2e > Pb?*S0},5+2H20q 


Adding: Pb,)+Pb** 03,)+4H ta) 2803, > 2Pb?* SOn + 220. 


White lead(11) sulphate is deposited on the metallic lead and the sulphuric 
acid becomes more dilute. 

The two half-reactions described can be reversed by applying a suitable 
voltage to the terminals of the cell. When a car engine is running, the 
dynamo produces a greater voltage than that produced by the battery, and 
electrical energy is forced back into the cells. During this recharge white 
lead(11) sulphate dissolves and sulphuric acid is produced: 


2Pb?* SO 2 -2H;0q > Pb, Pb**O25--4Hqa t 2800.9 


The specific gravity of the sulphuric acid is a measure of the effectiveness of 
the recharge. Fig. 5.14 illustrates the process of charge and discharge in the 
lead storage cell. 


Dynamo 


Electrons 


Sulphuric 
acid: 

becomes 
more 

Iconcentrated 


Reactions during charge by the dynomo 


Reactions during discharge of electric 
current 


Fig.5.14 Charging and discharging processes in the lead storage battery 
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Summary of Unit 5 


1. Substances are either conductors or non-conductors (insulators) ot electricity. 
2. The most distinctive property of metals is their high electrical conductivity. 
3. Liquids may be classified as (a) conductors, (b) electrolytes and (c) non- 
electrolytes. 
4. An electrolyte is a substance which when molten or in aqueous solution will 
conduct an electric current and be decomposed by it. 
. An electric current is a flow of electrons. 
6. The decomposition of an electrolyte by an electric current is called 
electrolysis. 
7. During electrolysis anions travel towards the positive anode, while cations 
travel towards the negative cathode. 
8. Cations are discharged at the cathode by electron gain, whereas anions are 
discharged at the anode by electron loss. 
9. Quantity of electricity is measured in coulombs (coulombs — current in 
amps x time in seconds); 96487 coulombs is one faraday. 
10. The mass of substance liberated during electrolysis is proportional to the 
quantity of electricity flowing. 
11. The liberation of one mole of any element during electrolysis requires an 
integral (whole) number of faradays, i.e. 1, 2, 3 or 4. 
12. A faraday is one mole of electrons. 
13. An electrochemical cell uses chemical 
electrons in a circuit. 
14. The reactions taking place in a cel| 
half-reactions in two half-cells. 
15. The half-reaction in which electrons are lost is called oxidation, while that in 
which electrons are gained is called reduction. 
16. The e.m.f. of the cell indicates the 
17. The e.m.f. of reduction half- 
obtained by comparison wi 


tA 


reaction to produce a flow of 


| can be expressed in terms of two 


tendency for à reaction to occur. 

reactions (or oxidation half-reactions) can be 
th the hydrogen half-reaction, for which the 
à value of zero under stated conditions. 


a list of reduction potentials obtained from 


. It lists the el i E 
19. The electrochemical series can fe used c mad in order of reactivity. 


culate the voltage of a cell, 


reaction will occur spontaneously, 
s. 


c emical 
(c) to explain the products of electrolysi 
20. The dry cell and the lead Storage cell are 


: two i : 
in everyday use. wo important electrochemical cells 


Test Yourself on Unit 5 


, » IOnS, electrolysis lattice, mel 
- Solid €: bromide will not Conduct an electric Sms cm E 
in a rigid crystal ......... and are not free to move to the ..... Wh the olia 
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lieu cenis and allows the passage of an electric current. ......... is 
liberated at the cathode and ........- at the anode. The decomposition of an 


electrolyte by an electric current is called ......... i 


2. Mark the following statements true or false. 
(a) A metal will only allow the passage of an electric current when it is solid. 
(b) Sugar is a non-electrolyte and when dissolved in water will allow the 
passage of an electric current. 


(c) All anions are coloured. 
(d) All coloured anions migrate to the positive electrode during electrolysis. 


(e) Sulphur is an insulator in both the solid and liquid states. 


3. A steady current of 1-6 amps was passed for 10 minutes through two 
voltameters arranged in series. The first had silver electrodes immersed in 
silver nitrate solution; the second had a metal X immersed in a solution of a 
salt of X. After the experiment the cathodes in each voltameter had increased 
in weight: that in the first voltameter by 1-08 g and that in the second by 
0-09 g. 

(1 faraday = 96000 coulombs) 


(a) How many coulombs of electricity were passed? 

(b) How many faradays of electricity were passed? 

(c) Assuming the silver ion to be Ag* calculate the relative atomic mass 
of silver. 

(d) If the relative atomic mass of X is 27, how many moles of X were 
liberated? 

(e) Calculate the charge on an ion of X. 

(f) Write an equation for the reactions taking place at the cathodes in both 
voltameters. 

(g) State whether these cathode reactions are oxidations or reductions. 


4. In an experiment concerning the displacement of one metal from an aqueous 
solution of its salt by another metal the results were tabulated as follows: 


= 
Metal A Metal B Metal C Metal D 
= 
Solution of a 
salt of A — WwW reaction X 
Solution of a 
L salt of B reaction — reaction reaction 
Solution of a 
| salt of C no reaction no reaction — Pd 
— 
Solution of a 
salt of D | reaction no reaction Z = 
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The table shows whether or not reaction occurs between the metal and a solution 
of another metal salt. 


(a) Arrange the metals in order of reactivity, giving the most reactive one first. 
(b) State whether reaction will take place in the spaces labelled W, X, Y and Z. 


5. This question relates to the following simple electrochemical cell. 


() 


Salt bridge 


Lead 


IM Pb**(NOS), 


The half-cell reactions with their appropriate oxidation potentials are: 


Pb?* + 2e — pp (e.m.f. = —0-13 V) 
Ag’ + e > Ag(em.f. = +0-80 V) 
(a) Which of the following reactions take place? 
(i) Pb?* +2Ag > 2Ag* --Pb 
(i) Pb?* -Ag — Apt | pp 
Gi) Ag*+Pb + Ag+ pp2+ 
> 2Ag--Pb?* 
reading do you expect? 


(iv) 2Ag* +Pb 
(b) What voltmeter 
(i) 1-73 volts 
(ii) 0:67 volts 
(iii) 093 volts 
(iv) 147 volts, 


Unit Six 
The Matter we Breathe 


Nitrogen Oxygen Carbon dioxide 
No O2 CO2 


Nitrogen Cycle Carbon Cycle Water Cycle 


Hardness of 
water 


Now that we are becoming increasingly aware of the term pollution, the air we 
breathe is more than ever a matter of concern to us all. This Unit studies the nature 
and properties of the constituent gases of the air and compounds related to them. 
It examines some of the major natural cycles which are responsible for sustaining 
the earth’s thin film of living matter. 


6.1 Composition of the Air 


From the time of the Greeks, for some 2000 years, the air was considered to be a 
single substance. It was not until the 17th century that this supposition was 
questioned. In fact dry air is a mixture of predominantly two gases, oxygen and 
nitrogen. It also contains small amounts of carbon dioxide, argon and other 
noble gases. 


Table 6.1 Composition of the air 


Composition Composition 
Gas by volume by mass 
% % 
Nitrogen 78-09 75:51 
Oxygen 20-95 23115 
Carbon dioxide 0-03 0-04 
Argon 0-93 1:30 


Other noble gases 70-003 
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In addition to the gases indicated in Table 6.1, air contains a variable amount of 
water vapour, on average 2%. Wind and industry pollutes the air with dust and 
chemicals such as sulphur dioxide, nitrogen oxides, ammonia and many others, 
Man pumps into the air smoke from fires, carbon monoxide and lead from his 
car, and a variety of industrial pollutants. 

The composition of the air is found to vary from place to place, confirming 
the fact that air is a mixture. Gases present in the air exhibit their own character- 
istic properties and can be separated by fractional distillation (see Section 1.5), 


6.2 Evidence for the Composition of the Air 


(a) Water Vapour in the Air 
Anhydrous calcium chloride is a dry white powder which on standing for 
Some time in the air turns into a liquid. If this liquid is distilled, a vapour can be 
condensed which boils at 100°C and freezes at 0°C, confirming that it is indeed 
water. A white, solid residue of the original anhydrous calcium chloride remains. 
The calcium chloride has absorbed water from the atmosphere and dissolved in 
It. 
Any solid which absorbs water from the atmosphere and dissolves in it f. orming 
an aqueous solution is said to be deliquescent. Examples of such substances are: 


calcium chloride Ca?* Clr 
sodium hydroxide Na*OH- 
iron(m) chloride pe" 


Certain sul 
it. They are said to 
The amount of 


Sr à weighed quantity of anhydrous calcium chloride 
in à U tube (see Fig. 6.1) and i i i 
and its contents, ) Measuring the increase in mass of the U tube 


Known 
Volume of 
Gir measured ——> 


by a meter ~> Dry air out 


Anhydrous 
Calcium 
Chloride 
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(b) Carbon Dioxide in the Air 

When air is drawn through a wash bottle containing lime-water (see Fig. 6.2), 
the colourless lime-water turns milky owing to the formation of insoluble 
calcium carbonate. This is a test for carbon dioxide. 


Toa 


Air drawn Zu 
water pump 


in here 


Lime-water 
turns milky 


Fig. 6.2 Demonstration of the presence of carbon dioxide in the air 


When a known volume of dry air is passed through a U tube containing pellets 
of sodium hydroxide, the carbon dioxide reacts with the sodium hydroxide 


forming sodium carbonate and is removed from the air: 
2Na* OH 4- CO; > Na; COÀ,-H)0q 


The U tube is weighed before and after the experiment, and the increase in 
mass indicates the amount of carbon dioxide present. 


(c) Oxygen in the Air i : 
A solution of pyrogallol (benzene-1,2,3-triol) containing sodium hydroxide 
rapidly absorbs oxygen. When a known volume of air is shaken with this 
solution in a graduated tube, oxygen is absorbed and the pyrogallol turns 
brown. After a few minutes the tube is inverted with its mouth under water. 
The levels of the water inside and outside the tube are made equal so that the 
gas in the tube is at atmospheric pressure. The volume of gas remaining in 
the tube is recorded. See Fig. 6.3. , 

The difference between this new volume and the original volume indicates the 
volume of oxygen in the sample. (Carbon dioxide is also absorbed by thesodium 
hydroxide solution but its volume is negligible in comparison with the volume of 
the oxygen: see Table 6.1.) 


A more accurate determination of the percentage by volume of oxygen in the 
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Graduated gas- 
measuring tube 


Levels equalized to 
^ equalize pressure 


inside and out 
Solid sodium (I) 


hydroxide pellets 


Aqueous pyrogallol Woter 


(a) (b) 


Fig.6.3 Using alkaline pyrogallol to determine the percentage of oxygen in 
the air: (a) the start of the experiment ; (b) bringing the unabsorbed gas to 
atmospheric pressure 


air makes use of the reaction between heated copper and oxygen in which black 
copper(I) oxide is formed: 
2€04-04, = 2Cu?* od 


Experiment 6.1 Determination of the percentage by volume of oxygen in the air 
Some pure copper powder is pl 


aced in a silica tube which is connected hori- 
zontally between two 100 cm? gas syringes. One of the syringes (A) contains 
rs p of air, the other (B) has its plunger level with the 0 cm? mark. See 
ig. 6.4. 


100 cm? of air 


Plunger Syringe 


Glass wool 


lume of oxygen in the air 


Fig.6.4 Determination of the percentage by vo, 
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than 100 cm?. The copper is reheated and the air passed over it once again. This 
procedure is continued until, on cooling, the volume reading remains constant, 
and it may be assumed that all the oxygen in the air has been removed. 


Results 

Volume of air in syringe A before experiment — 100 cm? 
Volume of air in syringe A after experiment — 79cm? 
Volume of oxygen used in forming copper(i) oxide = 21 cm? 
Fraction of oxygen by volume in the air = fd; 
Percentage of oxygen by volume in the air =21% 


(d) Nitrogen and the Noble Gases in the Air 

After the removal of water vapour, carbon dioxide and oxygen from the air, the 
gas remaining (about 80%) is mainly nitrogen with the exception of some 1% of 
argon and other noble gases. These can be separated by fractional distillation of 
liquid air. 


6.3 Fractional Distillation of Liquid Air 


The separation of liquid mixtures by fractional distillation is discussed in Section 
1.5. It relies on the fact that different liquids have different boiling points, those 
having the lower boiling point distilling over first. 


Liquid air 
Fig. 6.5 Manufacture of liquid air 


To prevent blockage caused by solid materials at these low temperatures, air 
is first freed from carbon dioxide, water vapour and dust impurities. It is then 
compressed to about 200 atmospheres, cooled and allowed to expand through a 
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fine jet. See Fig. 6.5. This sudden expansion causes further cooling and the gas 
eventually liquefies. (You can observe this cooling effect by measuring the fall in 
temperature when a thermometer is placed near the opened valve of an inflated 
car tyre.) The liquid is tapped off through a valve, while gas which has escaped 
liquefaction returns to the compressor. 

Liquid air is primarily a mixture of nitrogen and oxygen with small amounts 
of the noble gases. The boiling point of nitrogen is — 196 ^C (77 K) and that of 
oxygen is —183°C (90 K). For this reason, when liquid air is allowed to warm 
up, the nitrogen boils first and the remaining liquid becomes richer in oxygen. By 
refractionating the oxygen fraction several times, the oxygen produced is of 
high purity. Most oxygen is not required in a state of high purity and is simply 


Stored by pumping into steel cylinders under high pressure after only one 
fractionation. 


6.4 Uses of Oxygen, Nitrogen and Argon 


The gases obtained by fractional distillation of liquid air are produced in large 
quantities for a variety of uses. Oxygen is used principally in the steel industry 
and in the production of nitric acid, methanol and other chemicals. Nitrogen 
is required for the synthesis of ammonia and as a coolant in refrigeration. 


The other important gas obtained from liquid air is argon. Argon is used 


mainly to provide an inert atmosphere during arc welding of metals such as 
stainless steel and titanium whic’ 


l : h would otherwise react with the oxygen of 
the air at high temperatures. 


6.5 Oxygen 


Oxygen is the most abundant ele: 
in the air; it is a major constitu 
metals and other elements, in 


ment in the earth's outer surface. It exists as a gas 
ent of water (HO) and it occurs, combined with 
rocks and clays, 

Preparation of Oxygen 


By far the most important co i 
» B : 
aii hed Feud nmercial source of pure oxygen is the fractional 


: H079 > ?8,0,--0,., 
This decomposition takes 


ume of oxygen, e.g. 10 cm? of a ‘20 
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volume’ solution gives off 200 cm? of oxygen, measured at standard temperature 
and pressure. 

Oxygen is liberated in a vigorous reaction when 20 volume hydrogen peroxide 
is dropped on to finely divided manganese(tv) oxide in a conical flask. The gas can 
be collected in jars by displacement of water, as shown in Fig. 6.6. 


Top funnel containing 
| hydrogen peroxide 


Delivery tube 


Flask 


Mangonese(Iv) 


Beehive shelf 


Fig. 6.6 Laboratory preparation of oxygen from the decomposition of hydrogen 
peroxide, using manganese(1v) oxide as a catalyst 


(b) From the oxides of metals low in the electrochemical series. These oxides 
yield oxygen on heating. For example, dilead(u) lead(1v) oxide (‘red lead’): 


2Pb;04,) > 6Pb?* Oc; + Or 
Another example is mercury(ir) oxide: 
2Hg? * Of; > 2Hgq + Or 


(c) From potassium chlorate(v). Oxygen is evolved on heating a mixture of 
three parts potassium chlorate(v) with one part manganese(Iv) oxide (here 
again the manganese(Iv) oxide acts as a catalyst): 


2K *C1O 5) = 2K*Cle Hd 30x 


(d) From the nitrates of certain metals high in the electrochemical series. 
Oxygen is evolved when potassium nitrate is decomposed by strong heating: 


2K*NOg, — 2K*NOZ)+Orw 
potassium potassium 
nitrate nitrite 


A similar reaction occurs with sodium nitrate. 
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6.6 Properties of Oxygen 


(a) Physical 
Oxygen is a colourless, odourless, tasteless gas. Its relative molecular mass is 32. 


The solubility of oxygen in water is low but nevertheless important to underwater 
life. 


(b) Chemical 

With the exception of the noble gases and certain metals such as gold and plati- 
num, all elements combine with oxygen to produce oxides. (Thus an oxide is a 
compound which contains oxygen combined with one other element. Unit 5 
described oxidation as a reaction in which electrons are lost. Here combination 
of an element with oxygen provides a further example of oxidation.) 

The reaction between oxygen and many of the elements, e.g. phosphorus, is 
vigorous and accompanied by the evolution of light and heat. Any such reaction 
is an example of ordinary combustion (or burning), i.e. the combination of 
oxygen with some combustible material. Oxygen is said to ‘support the com- 
bustion' of the combustible material. In general, combustion (or burning) is any 
chemical reaction which occurs so rapidly that heat and light are produced: it 
need not necessarily involve oxygen. In the case of hydrogen burning in an at- 
mosphere of chlorine we could speak of hydrogen as being combustible and the 
chlorine as supporting combustion. 

Antoine Laurent Lavoisier (1743-94) is famous for having established the 


modern theory of combustion. He proved that air contained two components, one 


of Which supports combustion and one of which does not. The active part of the 
air he named oxygen. 


Reactions 


(i) Hydrogen. A stream of hydrogen burns readily in oxygen with a clear blue 
flame to produce water vapour: 


2H 49) tOn 22H;0, 
Ce pos are formed if the flame is directed on to a cold surface. 
: 'en-ox d et : š 
Experiments) yeen and hydrogen-air mixtures are explosive (see 


ate 


T, it is stored under liqui i i 
is heated in a deflagrating T quid paraffin.) A small freshly cut piece of sodium 


oxygen (see Fig. 6.7). A bright on until it ignites and then lowered into a gas jar of 


; t yellow flame, ch. isti iun 
and white solid sodium isis iens aracteristic of sodium, is observed 


Mee (This metal tarnishes rapidly in air and, since it also reacts violently 


Nay +O) > Najo 
on has a formula 02- 


ves 

2(s) 
Note that the peroxide i d 
oxide ion O? -. and is not to be confused with the 


(iii) Magnest equ à 
) Magnesium. When ignited, magnesium burns in air with a white light. On 
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Cork 
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Fig.6.7 Testing the action of oxygen on solids: (a) the solid is heated in a 
deflagrating spoon until it ignites, melts or becomes red hot; (b) the spoon 
and its contents are then plunged into a jar of oxygen 


lowering into a gas jar of oxygen the light becomes intensely bright, and white 
solid magnesium oxide is formed: 
2Mgi-Ox > 2Mg^* OG 
(iv) Iron. Some iron wire is heated on a deflagrating spoon until it is red hot 
and then lowered into a gas jar containing oxygen. A shower of sparks is produced 
as iron burns to leave black iron(1) di-iron(ur) oxide: 


3Fe +202) > Fe3O4) 


Iron will react slowly with oxygen and water vapour in the air, producing rust. 
This and other forms of corrosion are discussed in Unit 9. 

(v) Carbon. Red-hot charcoal glows brightly when lowered into a gas jar 
containing oxygen, and burns away to carbon dioxide: 


C+ Oz > CO» 

(vi) Phosphorus. When lowered into oxygen, burning phosphorus produces a 
bright white flame and dense white clouds of phosphorus(v) oxide (phosphorus 
pentoxide): 

4P +5029 > PaO1009) 
but many can be made to 


Not all elements undergo combustion with oxygen 
le, combines with oxygen 


react under special conditions. Nitrogen, for examp! 
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when a mixture of the gases is subjected to an electric discharge; the product is 
nitrogen monoxide (NO). 


6.7 Nitrogen 


Elementary nitrogen is very resistant to chemical attack, owing to a strong 
covalent bond between the two nitrogen atoms in the N, molecule. Apart from 
nitrate deposits there are few nitrogen compounds in the earth's crust. However, 
it is an essential element in proteins (vital constituents of animal and plant cells), 
and one of the major problems facing the world is that the natural conversion of 


atmospheric nitrogen to protein and other compounds may some day prove 
inadequate to meet the demand. 


The Nitrogen Cycle 


People and animals cannot use atmospheric nitrogen to manufacture their 
body-building protein because there is no body mechanism for this conver- 


Nitrogen in 
the oir 


Plant ond anima! 
protein 


LACE 77 m 


Nitrogen fixing 
bocterio in 
root nodules 


Death of plants and 
Onimols + dung 
and compost 
followed by 

bacterial action 


Denitrifying 


Nitrifying Docteria 
bacteria 


Fig.6.8 The nitrogen cycle 
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sion. They must obtain their usable or fixed nitrogen by eating plants and 
animals. Plants, too, need nitrogen for growth. But plants in general cannot 
utilize atmospheric nitrogen; they absorb soluble nitrogen compounds such 
as nitrates through their roots. 

The circulation of nitrogen in nature is called the nitrogen cycle. 

It will be seen from Fig. 6.8 that the three main processes involved in the 
nitrogen cycle are: (a) conversion of atmospheric nitrogen to nitrates, (b) 
conversion of nitrogen compounds in the soil to nitrates, and (c) removal of 
nitrates from the soil and return of nitrogen to the atmosphere. 


(a) Nitrogen in the atmosphere is converted into nitrates in three ways: 

(G) lightning flashes (electrical discharge) cause nitrogen to combine with 
oxygen, forming oxides of nitrogen. These oxides dissolve in rain and are 
washed into the soil as nitric acid. It is estimated that 250 000 tons of nitric 
acid are produced every 24 hours in this way. 

(ii) free-living nitrogen-fixing bacteria convert atmospheric nitrogen into 
nitrates. 

(iii) nitrogen-fixing bacteria occur in the root nodules of certain leguminous 
plants such as clover. When crops of such plants are grown they replace the 
nitrogen in the soil. 


(b) The death and decay of plants and animals, animal urine and faeces all 
return nitrogen to the soil. Eventually through bacterial action the protein 
nitrogen compounds in animal excreta are converted into ammonium salts. 
These salts are in turn converted first to nitrites and then to nitrates by 
nitrifying bacteria. 


(c) Nitrogen is lost from the soil in two ways: 

(i) plants absorb nitrates through their roots for use in building plant 
protein, 

(ii) denitrifying bacteria convert ammonium salts, nitrites and nitrates into 
nitrogen gas which is released to the atmosphere. 


Human intervention in the nitrogen cycle. The harvesting of crops for human 
use removes nitrogen from the natural cycle. When sewage is discharged into 
the sea, naturally produced urea—one of the best soluble nitrogenous fer- 
tilizers—is lost to the land. 

It is essential that the nitrogen lost to the soil is replenished in some way, 
otherwise subsequent crops will give lower yields. This is done by adding 
both natural and artificial fertilizers to the land. These include farmyard 
manure, ammonium sulphate, ammonium nitrate, nitro-chalk (ammonium 
nitrate mixed with chalk), urea and ammonium phosphates. . 

Most of the artificial fertilizers are produced indirectly from atmospheric 
nitrogen via ammonia manufactured by the Haber process (see Section 14.8). 
Vast quantities of nitrogen are thus removed from the atmosphere, and for 
this reason the time is quickly approaching when we must look closely at the 
adequacy of atmospheric nitrogen as a source of protein nitrogen. 
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6.8 Preparation of Nitrogen 


As with oxygen, the most convenient way of obtaining nitrogen in the laboratory 
is from a cylinder of the gas which has been produced commercially by fractiona- 
tion of liquid air. " 

Nitrogen can be prepared by heating ammonium nitrite solution: 


NH$NO;,, > Nog) 2H;0o 


Ammonium nitrite is made in situ by mixing concentrated solutions of 
ammonium chloride and sodium nitrite which provide ammonium ions and 
nitrite ions. 


6.9 Properties of Nitrogen 


(a) Physical 
Nitrogen is a colourless, odourless, tasteless gas. Its relative molecular mass is 28. 
The gas is only slightly soluble in water (less soluble than oxygen). 


(b) Chemical 


The inert (or unreactive) nature of nitrogen is due to the strong covalent bond 
between the two nitrogen atoms in the molecule N . In the air it neither burns nor 
Supports combustion and acts mainly as a diluent for the oxygen. 


Reactions 


F (i) Magnesium. Burning magnesium will continue to burn in nitrogen, produc- 
Ing magnesium nitride: 


3Mg,-- Nou = Mgj*Nig 
Magnesium nitride is a whitish Solid, and when treated with water or a solu- 
tion of sodium hydroxide, the characteristic pungent odour of ammonia gas 
can be detected: 


Mg3*N35+6H,0,, > 3Mg^ (OH )4,--2NHs,, 


(ii) Hydrogen. Under high 


1 Pressure and in the prese: i t, 
nitrogen and hydrogen will RE iron cias 


combine together to produce ammonia: 


Nj 3H; > 2NH5( 
This is the basis of the Haber s thesi ; SERA: : ; 
in.Upit Hand dd. ynthesis of ammonia which is discussed in detail 
(iii) Oxygen. When nitro 


i gen and oxygen i i 
electric arc, small quantiti Free tain re passed eoo añ 


es of nitrogen monoxide are formed: 


Ni O3 > 2NO,, 
This is the basis of the ‘electric arc’ or ‘Bi i 
manufacture of nitric acid. Een Ime 


. > 
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6.10 Carbon Dioxide and the Carbon Cycle 


Although the quantity of carbon dioxide in the atmosphere is relatively small 
(003% by volume), it is nevertheless essential either directly or indirectly to the 
existence of living things. Green plants remove carbon dioxide from the air in the 
process of photosynthesis; animal and plant respiration and decay processes 
return carbon dioxide to the air. Together these processes make up nature’s 
carbon cycle (see Fig. 6.9), and it is because of the delicate balance between them 
that the percentage of carbon dioxide in the atmosphere remains remarkably 
constant. 


Carbon dioxide in the air 


Corbon 
dioxide 


Fig. 6.9 The carbon cycle 


The carbon cycle is in two main parts. 


(a) Removal of carbon dioxide from the air. Green plants absorb carbon dioxide 
through the underside of their leaves. Carbon dioxide is able to combine with 
water in the leaf, producing carbohydrates (compounds which contain carbon and 
the elements of water, ie. hydrogen and oxygen in the ratio 2:1) such as 
glucose. This process will only occur in the presence of solar energy (sunlight) 
and certain biological catalysts. Together these complex reactions which build 
up carbohydrates in the leaf are termed photosynthesis. They can be summarized 
by the equation: 


6CO 4g) + 6H,0q > CoH i120 610) +6020 


The glucose (a sugar) undergoes further reactions to produce more complex plant- 
building and food-storage compounds such as cellulose and starch. It will be seen 
from the above equation that, as carbon dioxide is removed from the air, it is 
replaced by oxygen. 
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(6) Addition of carbon dioxide to the air. Plants and (to an even greater extent) 
animals consume carbohydrates and other foodstuffs. The energy-producing 
chemical reactions between the foodstuff and oxygen from the air result in the 
formation of carbon dioxide and water, and are together called respiration. 

When plants and animals die, their bodies decay. Decay means that, by the 
action of bacteria, complex carbon compounds are broken down into (among 
other things) carbon dioxide. In this process, as in respiration, as oxygen is 
removed from the air, it is replaced by carbon dioxide. 


Oxygen 
from the air |: 


Carbon dioxide 


+ | Water 


Other products 


Fig. 6.10 Respiration in plants and animals produces carbon dioxide 


Human intervention in the carbon cycle. The combustion of all carbonaceous 
fuels (e.g. oil, coal, wood and petrol) increases the concentration of carbon 
dioxide in the air. Recent vast increases in such combustion have produced a 
measurable build-up of carbon dioxide in the atmosphere. This retains heat 
radiated from the ground and may be causing a slight rise in the average 
temperature of the earth. If this apparent trend continues there is danger that 


gni the polar ice caps will begin to melt, causing the level of the oceans 
0 rise. 


6.11 Preparation of Carbon Dioxide 


(a) By the action of a dilute acid on 
dilute hydrochloric acid is added to 
occurs as bubbles of carbon dioxid 
calcium carbonate: 


a carbonate or a hydrogencarbonate. When 
any carbonate, a vigorous effervescence 
€ gas are liberated. For example, using 


Ca**CO35,+2H* Cle, > Ca 
The gas can be collected over 
collection). 
A similar reaction occur 
hydrogencarbonate: 


?* Cl Faq) + CO, --H30q, 
water if required (see Fig. 6.6 for method of gas 


s with a hydrogencarbonate, such as sodium 


2 
Na*HCOs,, - H*Clz. > Na* Cla, - CO, - H0, 


(b) By the action of heat on h 
exception of the carbonates 


T oteactrbonates and certain carbonates. With the 
of the alkali metals, i e. sodium, potassium etc., all 
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carbonates and hydrogencarbonates decompose on heating to give carbon 
dioxide. For example: 


2 d strong 2 - 
Ca?* CO$ heating Ca?*O2, CO; 


2Na* HCO;;,, "3. Nat C023, + CO, +H20 


The action of heat on calcium carbonate in the form of limestone is used 
commercially to manufacture quicklime (calcium oxide). 


(c) By burning carbonaceous materials. All natural fuels contain carbon as one 
of the essential elements; for example, natural gas (methane) has a molecular 
formula CH,. Combustion of such materials in a plentiful supply of oxygen 
produces carbon dioxide: 


CH ay) +2024) > CO; +220. 


(d) By fermentation processes. Beer, wines and other alcoholic drinks are made 
by fermentation. This is a complex process in which, by enzyme action, a sugar 
is converted to ethanol (an alcohol) and carbon dioxide: 

C6H1 20 60g) > 2C;H,0H,,4,4-2CO;( 
(a sugar) ethanol 
The enzyme zymase (a biological catalyst produced by yeast) plays an essential 
- part in this reaction. 


6.12 Properties of Carbon Dioxide 


(a) Physical 
Carbon dioxide is a colourless gas with a very faint pungent odour and taste. Its 
relative molecular mass is 44. It is fairly easy to solidify, and the solid (called *dry 


ice") sublimes. 


(b) Chemical 
(i) Carbon dioxide neither burns nor is a supporter of combustion. For this 
reason, and because it is more dense than air, it is widely used in fire extinguishers. 
Its ability to extinguish flame can be demonstrated by ‘pouring’ the gas on to a 
lighted candle in a large beaker, as shown in Fig. 6.11. 
However, burning magnesium will decompose carbon dioxide, and when 
lowered into a jar of the gas, will continue to burn in the oxygen ‘set free: 


2Mg + COx9) > 2Mg?* O25 - Co 

uced and black specks of carbon are seen 
contain carbon). 

(0-335 g in 100 g water at a total 


White magnesium oxide is prod 
(confirming that carbon dioxide does indeed 
(ii) Carbon dioxide dissolves a little in water 


128 Success in Chemistry 


Gas jar 


‘Pouring’ carbon dioxide 


Carbon dioxide gos 


Fig. 6.11 Carbon dioxide is heavier than air and does not support combus- 
tion; the candle is therefore extinguished when the gas is poured over it 


pressure of 1 atm). The dissolved gas reacts slightly with the water, producing a 
dilute solution of carbonic acid: 


CO x44) +H20q) > HCO) 


Carbonic acid is a weak acid (the significance of weak and strong acids is discussed 
in Section 8.8). . 

If the gas is dissolved under increased pressure, the solubility increases 
markedly. Effervescent ‘fizzy’ drinks rely on this property. When the pressure is 
released by removing the bottle top, the gas can be seen bubbling out of solution. 

(ii) Being an acid gas, carbon dioxide will react with and be absorbed bya 
solution of an alkali. For example, with sodium hydroxide: 


2Na* OH, -CO;, > Nay CO},4) +H20 
This reaction is used to absorb carbon dioxi 
mixture. 


Lime-water is a colourless solution of calcium hydroxide, a slightly soluble 
alkali. When carbon dioxide gi 


as is bubbled through this clear solution, a 
milky white precipitate of calcium carbonate is observed: 


q 


de in the quantitative analysis of a gas 


Ca?*(OH 28g - CO — Ca?* C035 +H,0,) 
This reaction is used to detect carbon dioxide. 


If carbon dioxide is passed through lime-water for a long time the original white 
precipitate dissolves, leaving a colourles 


s solution containing calcium hydro- 
gencarbonate: 
Ca" COR, HHO C0, > Ca?*(HCO5) a4) 
Boiling the clear solution decomposes the calci 
the white milky precipi 


tate of calcium carbonat 


um hydrogencarbonate, and 
€ returns: 


Ca?*(HCOs Jay > Cat CORS -H,04.- CO, 
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With this test for carbon dioxide it is easy to demonstrate that exhaled breath 
contains carbon dioxide. Simply breathing out through a tube (or straw) into 
a test tube containing lime-water causes the liquid to turn milky. 


6.13 Uses of Carbon Dioxide 


Carbon dioxide is important in the manufacture of sodium carbonate and 
sodium hydrogencarbonate by the Solvay (ammonia-soda) process (see 
Section 14.5). Large quantities of carbon dioxide are used in carbonated 
beverages, as ‘dry ice’ in refrigeration, and in fire extinguishers. 


(a) Carbon dioxide in the soft-drinks industry. About 90% of the carbon dioxide 
manufactured is used in the preparation of carbonated ‘fizzy’ beverages (see 
Section 6.12). 


(b) Dry ice used as a refrigerant. Carbon dioxide can be liquefied under high 
pressure at 20 °C, but when exposed to atmospheric pressure this liquid freezes to 
the white solid ‘dry ice’. This has a temperature of — 78-5 °C. It is used asa refriger- 
ant in shipping fruits, vegetables, dairy products, fish and meat. As a refrigerant 
it has the advantage over ordinary ice that it (i) sublimes leaving no residue, (ii) 
maintains a lower temperature, (iii) lasts longer. 


(c) Fire extinguishers. The fact that carbon dioxide is chemically inactive, 
cheap and easily generated, makes it a useful fire extinguisher. Being considerably 
denser than air, it settles over the burning material as an occluding (retaining) 
‘blanket’ which prevents more oxygen from reaching the fire. At the same time it 
dilutes the oxygen in the air to such an extent that combustion is inhibited. 


(i) The most convenient type of fire extinguisher consists of a cylinder contain- 
ing liquid carbon dioxide. When the valve on the cylinder is opened the pressure 
is released; the liquid turns to a vapour and a snow-white solid. The heavy vapour 
effectively blankets the fire and lowers the temperature around the burning 
material. This type of extinguisher is particularly useful in fighting oil fires (where 
water might spread the fire) and those around electrical apparatus (where water 
might cause a ‘short circuit’ and electric shock). 

(ii) In the soda-acid type of fire extinguisher, shown in Fig. 6.12, separate 
solutions of sulphuric acid and sodium hydrogencarbonate are mixed when 
the extinguisher is inverted: 


2Na* HCO jag) +H} S03, — Nai SOf + 2H2O wy 2C; 


Pressure of carbon dioxide gas produced when the hydrogencarbonate reacts 
with the acid forces a jet of liquid out of the nozzle which can be directed towards 
the fire. In this case it is principally the water which puts out the fire and not the 
carbon dioxide. 

(iii) Foam fire extinguishers are similar in construction to the soda-acid type. 
In this case the two reacting solutions are sodium hydrogencarbonate con- 
taining a sticky foam-stabilizing substance such as liquorice, and aluminium 
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Fig.6.12 The soda-acid type of fire extinguisher 


sulphate. The aluminium sulphate acts as an acid and, on inversion of the 
extinguisher, reacts with the hydrogencarbonate to produce carbon dioxide 
gas. Gelatinous aluminium hydroxide produced in the reaction helps the 
liquorice to stabilize the carbon dioxide foam. This type of extinguisher is 
particularly useful in fighting oil fires. 


Baking Soda and Baking Powder 


Carbon dioxide makes cakes ‘rise’ during baking. It is produced within the cake 


when baking soda (sodium hydrogencarbonate) decomposes during the baking 
process: 


2NatHCO;,,, —heat, Na? CO, + HO) +CO2,, 


Baking powder differs from baking soda in that it is a mixture of sodium 
hydrogencarbonate and a harmless solid acid such as 2,3-dihydroxybutanedioic 
acid (tartaric acid). These substances do not react with each other while they are 
dry, but in the moist cake mixture the acid and hydrogencarbonate dissolve and 


react. Carbon dioxide is produced in tiny bubbles which expand during the 
cooking process, so making the cake ‘rise’. 


6.14 Water 


Water vapour is always present in the 
being greatest at and near the equator. 
the atmosphere at any one time is of vi 


air even over deserts. The amount varies, 
The very small amount of water vapour in 
tal importance to the world's weather. This 
by evaporation and by transpiration (the loss 
imals). By far the most important of these is 
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evaporation from the oceans. Loss of water vapour from the atmosphere occurs 
through rain, snow and other forms of precipitation. The circulation of water 
vapour in nature is called the water cycle (see Fig. 6.13). 
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Fig. 6.13 The water cycle 


6.15 Properties of Water 


(a) Physical M 

In almost all its physical properties water is unique. It is a liquid; yet compounds 
similar to it and of higher relative molecular mass are gases, eg. hydrogen 
sulphide. This and many other of water's special properties are attributed to the 
strong hydrogen bonding between hydrogen and oxygen atoms of adjacent water 
molecules (see Section 2.10). . 

Water has its maximum density at about 4°C. Thus ice is less dense than water 
and floats, whereas almost all other substances are denser in the solid state than 
in the liquid. Also cold water (less than 4°C) floats on top of warmer water. 
Freezing therefore takes place from the surface downwards, enabling underwater 
life to be maintained. $ tok ater 

At one atmosphere pressure the boiling point and freezing point of pure w 5 
are 100-00°C and 0-00 °C, respectively. These are used as two fixed points in the 
calibration of thermometers. 


(b) Chemical t 
(i) Because of its polar nature, water is an excellent solvent Sg = ^ 
majority of ionic compounds. This particular property 1s discussed in Unit 5. 
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(ii) The reaction of water with metals is discussed in Unit 9, and with oxides 
in Unit 8. 


6.16 *Hardness' of Water 


(a) Causes of Hardness 

When soap forms an insoluble scum and does not easily lather with water, such 
water is said to be ‘hard’, This hardness is caused by Mg, and Ca? ions 
dissolved in water. Note that only soluble compounds of magnesium and calcium 
can provide these ions: the usual sources are the sulphates, chlorides and 
hydrogencarbonates. 

Whereas the sulphates and chlorides occur in the earth's crust, the hydro- 
gencarbonate is produced when rain-water containing dissolved carbon 
dioxide passes through calcium carbonate rocks, e.g. chalk and limestone. 
The dilute solution of carbonic acid (carbon dioxide dissolved in water) reacts 


with the calcium carbonate to form soluble calcium hydrogencarbonate: 
Ca?* COSS --(H2044-CO;,) > Ca?*(HCO;) 2(aq) 
carbonic acid 


Calcium carbonate (chalk etc.) does not directly cause hardness since it will 
not physically dissolve in water. 
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Fig. 6.14 Cave formation in limestone 


Countryside in chalk and limestone regions assumes a characteristic appear- 
ance, with potholes, springs, and cay 


oue S €s containing stalagmites and stalactites. 
oth stalagmites and stalactites are formed by slow evaporation and decomposi- 


tion of calcium hydrogencarbonate solution, producing deposits of calcium 
carbonate over many years: 


Ca?*(HCO5) aq) aa Ca** CO35-+H20q)+COx 
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(b) The Nature of Soap 

Soap is a name given to a variety of compounds produced when oils and fats are 
reacted with sodium hydroxide. They are all similar in that they contain a 
long hydrocarbon chain ending in a carboxylate anion to which is attracted a 
sodium cation. The hydrocarbon chain is soluble in oils but insoluble in water; 
the ionic end is soluble in water but insoluble in oils. A typical soap is sodium 
octadecanoate (sodium stearate) C17 H3sCOO™ Na*: 
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hydrocarbon chain carboxylate anion 


In water, soap has two functions: (i) it makes the water able to wet 
material more effectively by lowering the surface tension; (ii) it emulsifies oil and 
grease. The hydrocarbon chain (the ‘tail’) dissolves in the grease while the carboxy- 
late-sodium end of the soap molecule (the ‘head’) remains dissolved in the water 
(see Fig. 6.15). This grease-removing process is often referred to as ‘head-and-tail’ 
detergency. Agitation of the liquid aids dissolution of the grease by the soap. 


(c) Effect of Hard Water on Soap 
The Ca? and Mg@é) ions in hard water react with soap (sodium stearate) 


Soap molecule d ` y i [rex 
€ \ D l Y € head 


Fig. 6.15 Soap molecules surrounding a grease particle to make it soluble 
in water 
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and remove it as an insoluble grey scum (calcium or magnesium stearate). 
For example: 
2C,,H3sCOO "Nai, + Cao) — (Ci; H35COO ~),Ca?* +2Na¥.,, 
sodium stearate calcium stearate 

Soap is wasted in this way until all the calcium and magnesium ions have 
been removed. The scum is deposited on fabrics, giving them an unsightly dull 
appearance. Thus in hard-water districts it is obviously advantageous to 
remove hardness before washing. 


(d) Removal of Hardness 
The removal of hardness depends to a certain extent on whether the type of hard- 
ness present is ‘temporary’ or ‘permanent’. 

(i) Temporary hardness is caused by the presence of calcium (or magnesium) 
hydrogencarbonate dissolved in the water. It can be removed by boiling the 
water, when the insoluble calcium (or magnesium) carbonate is precipitated: 


Ca?*(HCO3)ajaqy  Ca^* COS, -H;0--COs(, 


This reaction is responsible for the ‘furring’ of kettles and water pipes. 

(ii) Permanent hardness is caused by the presence of calcium and mag- 
nesium chlorides and sulphates. These compounds do not decompose on 
heating, and so this type of hardness cannot be removed by boiling. 

Both temporary and permanent hardness can be removed by the addition 
of ‘washing soda’ (sodium carbonate crystals). This reacts with the Cad 
and Mgåġ ions, Precipitating them as the insoluble carbonates: 


à t Naz CO > Ca’*CO35+2Naz,, 


The disadvantage of washing soda as a water softener is that its solution is 
alkaline and can cause damage to wool and silk. 

Hard water can be softened in a continuous process using ion-exchange resins. 
These are compounds which will exchange their own sodium ions for the 
calcium (or magnesium) ions dissolved in hard water. Thus as sodium ions 
go into solution, calcium (or magnesium) ions are left on the resin: 


2Na *(Resin~),) + Cazs, > Ca**(Resin~),.,)+ 2Nac 


Tiny beads of the resin are packed in a cylinder and hard water is passed through 
them, Soft water containing sodium ions coming out of the other end. The 
resin eventually becomes ‘spent’ when all the sodium ions have been ex- 
changed, but it can be regenerated by passing concentrated sodium chloride 
solution through it. This increases the concentration of sodium ions to such 
an extent that they are able to replace the calcium ions on the resin, making 
it available for use again: 


Ca?*(Resin~)a)+ 2Nag,) — 2Na* (Resin Yo + Cac 


One example of an ion-exchange material is the complex chemical Permutit 
(sodium aluminium Silicate). 
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Summary of Unit 6 


wn 


tA 


mi 


. Air is a mixture of colourless, odourless and tasteless gases. 
. Approximately 99% by volume of air is a mixture of nitrogen and oxygen. 
. Small amounts of the noble gases (particularly argon) are also present, 


together with carbon dioxide and variable amounts of water vapour. 


. Air can be liquefied by compression and cooling. Liquid air is a commercial 


source of nitrogen, oxygen and argon which are separated by fractional 
distillation. 


. Oxygen is the most abundant element in the earth's outer surface. 
. Laboratory methods of preparing oxygen include: 


(a) the action of manganese(1v) oxide on hydrogen peroxide 
(b) the action of heat on certain oxides and nitrates 
(c) the action of heat on potassium chlorate(v). 


. Reaction of oxygen with other elements produces oxides; this is an oxidation 


process. 


. Combustion is a rapid oxidation process which occurs with the production of 


heat and light. 


. Nitrogen is essential to life. The conversion of stable nitrogen gas into useful 


nitrogen compounds is called nitrogen fixation. 


. The circulation of nitrogen in nature is called the nitrogen cycle. 
. Nitrogen is most conveniently obtained by fractional distillation of liquid air, 


but can be prepared in the laboratory by warming a solution of ammonium 
nitrite. 


. Nitrogen is an inert gas. 
. Carbon dioxide occurs in air as a product of decay, of combustion and of the 


respiration of living things. It is the vital component in nature's carbon cycle. 


- Carbon dioxide can be prepared by: 


(a) the action of an acid on a carbonate or hydrogencarbonate 

(b) the action of heat on hydrogencarbonates and certain carbonates 
(c) burning carbonaceous material 

(d) fermentation processes. 


- Carbon dioxide is a stable gas and does not burn. Its aqueous solution is 


called carbonic acid. It is detected using lime-water, a dilute aqueous solution 
of calcium hydroxide. 


. Carbon dioxide is used in fire extinguishers, as 'dry ice' in refrigeration, in 


carbonated beverages and as a raising agent in baking processes. 


. The circulation of water in nature is called the water cycle. 
. Water molecules are polar and are joined by hydrogen bonds. Hydrogen 


bonding is responsible for many of the peculiar properties of water. 


- Calcium and magnesium ions cause hardness in water. 


The process by which hardness is removed from water is called water 
softening. 
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Test Yourself on Unit 6 


1. Which of the following gases are present in a sample of air? 
(a) hydrogen; 
(b) oxygen; 
(c) carbon dioxide; 
(d) nitrogen; 
(e) argon; 
(f) methane. 
2. 200cm? of dry air was shaken with an aqueous alkaline solution of 
pyrogallol (benzene-1,2,3-triol). 
(a) Name two gases present in the dry air which were removed by the alkaline 
pyrogallol. 
(b) Name the major constituent of the gas remaining. 
(c) Name one other gas present in the gas remaining. 
(d) What is the volume of gas left after treatment with alkaline pyrogallol? 


3. The following equations (not balanced) refer to reactions in which oxygen is 
produced: 

() H0, + H;0,--0; 

(i) Pb,0,, > Pb? +O + Ozo 

(i) K*ClOg, > K*Cl54-O, 

(v) K*NOx, > K*NO;,--O; 

(a) Balance these four equations. 

(b) Name a catalyst which can be used for reactions (i) and (iii). 

(c) Which of these reactions proceeds at room temperature? 


4. Separate samples of sulphur and magnesium were burned in oxygen using the 
following apparatus: 


Clamp Magnesium or sulphur 


Oxygen in Gos out 


-— 


| Porcelain boat 


Heat 


(a) Name the products formed when these elements burn in oxygen. 
(b) What would you see during these two experiments? 


5. (a) Name two ways in which atmospheric nitrogen is *fixed'. 
(b) Name two artificial fertilizers Containing nitrogen. 
(c) sang important nitrogen-containing compound is produced by the Haber 
process? 


(d) Name the complex process by means of which plants build up carbo- 
hydrates from carbon dioxide. 
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6. Classify as true or false the following statements concerning carbon dioxide: 
(a) It is prepared by the action of an acid on any carbonate or hydrogen- 
carbonate. 

(b) It forms a white insoluble salt with calcium hydroxide solution. 

(c) It is readily absorbed by both sodium hydroxide solution and concen- 
trated sulphuric acid. 

(d) Solid carbon dioxide (‘dry ice’) sublimes. 


7. 50 cm? of tap water from a limestone area required 20 cm? of soap solution to 
form a permanent lather. 50 cm? of the same tap water after boiling and cooling 
required 5 cm? of soap solution to form a lather. 
50 cm? of tap water after passing through an ion-exchange resin required 
0:1 cm? of soap solution to form a lather. 
(a) Does the water contain temporary hardness, permanent hardness, or both? 
(b) Why is the volume of soap required to form a lather, less after boiling? 
Name one substance present in the original tap water which was responsible for 
this. 
(c) Why does the tap water still require 5 cm? of soap solution to produce a 
lather even after boiling? 
(d) Write an equation showing how rain-water containing dissolved carbon 
dioxide dissolves limestone. 
(e) Why is only 0:1 cm? of soap solution required to produce a permanent 
lather after passing the tap water through an ion-exchange resin? 
(f) Name two ions responsible for hardness in water. 
(g) If the formula of soap could be represented as Na*St^, write an equation 
to show how soap reacts with the ions present in hard water. 


Mark this test out of 40 with the answers provided on page 374. 


Unit Seven 


Matter and Energy 


ENERGY CHANGES 


RATE OF REACTION REVERSIBLE REACTIONS 


HEATS OF REACTION 


Heat of Combustion 


Dependence of rate 


upon: 
Physical state 
Concentration 
; Temperature mee 
Heat of Solution Catalyst 


Heat of Neutralization 


Heat of Precipitation 


Activation energy 


7.1 Energy Changes in Chemical Reactions 


Fuels are substances which, on burni 
methane), one of our most familiar 
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to the surroundings is called an exothermic reaction. The burning of any fuel is an 
example of an exothermic reaction. 

In contrast, those reactions in which heat is taken in from the surroundings by 
the system are termed endothermic. The temperature of the surroundings is 
lowered in an endothermic reaction. 

In a chemical reaction such as the burning of methane, bonds are broken and 
new bonds formed as the reactants are converted into products. Energy is needed 
to break any bond and energy is liberated when new bonds are formed. Each 
different bond is associated with a certain amount of energy. Thus the breaking of 
some bonds requires more energy than others, while the formation of certain 
bonds liberates more energy than others. 

A reaction will be exothermic if the energy liberated in bond formation is 
greater than that required for bond breaking, or endothermic if /ess. The com- 
bustion of methane 

CH aig) +2029 > CO + 22% 
is thus exothermic because the energy liberated in the formation of two carbon- 
oxygen bonds (in carbon dioxide) and four hydrogen-oxygen bonds (in the two 
water molecules) is greater than that required for the breaking of four carbon- 
hydrogen bonds (in methane) and two oxygen-oxygen bonds (in the two oxygen 
molecules). 


7.2 Heat of Reaction 


The amount of heat evolved or absorbed during a chemical reaction (more 
specifically, the amount shown in the balanced equation for the reaction) is known 
as the heat of reaction. It is denoted by the symbol AH (where A, the Greek letter 
delta, means ‘difference’) and is measured in joules (J) and kilojoules (kJ). 

If a reaction is exothermic, heat is evolved to the surroundings and AH is 
negative. Conversely, in an endothermic reaction AH is positive. f 

To illustrate this convention, let us consider the combustion of methane, which 
we know from Section 7.1 to be an exothermic reaction. One mole of methane 
combines with two moles of oxygen to produce one mole of carbon dioxide and 
two moles of water, and 890-3 kJ of heat is evolved. Thus AH is minus 890-3 
kJ mol" !, and we can write the equation for the reaction as follows: 


CHa) t202 > COxp + 2H20.) 
AH = —8903kJ mol“? 


A simple energy diagram for the combustion of methane is shown in Fig. y Ak 
The decomposition of ammonia gas (NH,) to nitrogen and hydrogen is an 
example of an endothermic reaction. The heat of reaction is therefore positive, and 


the equation for this reaction can be written as follows: 
2NH3 > Noy + 3H 


AH = *928 kJ mol? 


A simple energy diagram for the decomposition of ammonia is shown in Fig. 7.2. 
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CHa(g) + 202(q) 


AH is negative (heat is liberated to 
the surroundings) 


Energy 


Course of reaction (reactants—> products) 


Fig. 7.1 Energy diagram to illustrate an exothermic reaction: energy of 
the products is less than the energy of the reactants, so AH is negative 


Every chemical change represented by an equation has a heat of reaction. It is 
often convenient to categorize this heat of reaction according to the type of 


chemical change taking place, e.g. combustion, solution, neutralization or 
precipitation. 


7.3 Heat of Combustion 


The heat evolved in the complete combustion of one mole of a particular 
substance is often referred to as the heat of combustion, and is denoted by the 


symbol AH combustion. The heat of combustion of a flammable liquid can be 
determined by the following method. 


Natg) + 3 Harg) 


Energy 


AH is positive (heat is taken from 
the surroundings) 


Course of reaction (reoctants— products) 


Fig. 7.2 Energy diagram to illustrate an endothermic reaction 
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Thermometer 


Copper sro! 


Surres 


Spit lomo 


Methane! 


Fig. 7.3 Heat of combustion apparatus 


Experiment 7.1 Determination of the heat of combustion of methanol (CH ,OH) 
The combustion of methanol 


CHOH o+ 1026, > CO; + 2H;0, 


isan exothermic reaction, and AH is negative. The experiment consists of burning 
a known mass of methanol, using the apparatus shown in Fig. 7.3, and measuring 
the consequent rise in temperature in order to determine the quantity of heat 
evolved. 

First the heat capacity of the apparatus is determined, i.e. the heat energy 
Tequired to raise the temperature of the apparatus by 1 °C. It can be calculated 


by adding the individual heat capacities of the various components of the 
apparatus. Thus: 


Heat capacity of the glass calorimeter = mass of vessel x specific heat capacity 
of glass 


ll 


3136gx326Jg^'K^! 
1022JK^! 
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Heat capacity of copper spiral — mass of spiral x specific heat capacity of copper 
= (203-0 x 0:38) 
STIRE 


Heat capacity of brass stirrer = mass of stirrer x specific heat capacity of brass 
= (28:2 x 1-55) 
—44JK^! 


Heat capacity of apparatus = (1022--77--44) JK^' 
= 1143 JK"! 


Next, the calorimeter is filled with water so that the upper coil of the copper 
spiral is covered, and the volume of water recorded. A sensitive thermometer is 
placed in the water so that the bulb is just above the inner calorimeter vessel. 

The methanol is placed in a small spirit burner, which is then weighed. Air is 
drawn through the copper spiral, using a water pump, and the burner lighted. 
When a temperature rise of approximately 5°C is obtained, the burner is 
extinguished and the maximum temperature recorded. The burner is again 
weighed to determine the mass of methanol used. 


Results 
Mass of burner and methanol before experiment = 13-642 g 
Mass of burner and methanol after experiment = 12-777 g 
.. mass of methanol used = 0-865g 
Mass of water — 546 g 
Initial temperature of water = 23-9°C 
Final temperature of water = 29-4°C 
-'. temperature rise = 55°C 
Calculation 
Heat capacity of calorimeter = 1143 JK~! 
Heat capacity of water = mass of water x specific heat capacity of water 
= 546 x 4-18 
= 2282JK^! 
Total heat capacity = heat capacity of calorimeter--heat capacity of 
water 
= (11432-2282) JK^! 
—3425JK^! 
Heat change in reaction = total heat capacity x rise in temperature 
= (3425x 5-5) 
= 18840J 


Hence, in this experiment, 0-865 g of methanol evolved 18840 J on complete 
combustion. By simple proportion, 1 g of methanol would evolve 
18840 


0-865 J 
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One mole of methanol is 32 g, and the complete combustion of 32 g of methanol 
would evolve 


18 840 


Sax 
"0:865 


— 697000 J 


= 697 kJ 
Therefore the heat of combustion of methanol is 


AH combustion = — 697 kJ mol! 


(The theoretical value is — 726-3 kJ mol!) 

This experiment can be repeated for other alcohols such as ethanol 
(CH,CH,OH), propan-1-ol (CH;CH,CH,OH) and butan-1-o0l (CH,;CH,CH, 
CH,OH). In a series such as this it is found that the heat of combustion increases 
as the number of carbon atoms in the molecule increases. 


7.4 Heat of Solution 


When an ionic solid is dissolved in water there is usually, but not always, a change 
in temperature. This can be explained by taking into account two completely 
separate energy phenomena which occur during the process of solution. 

(a) Energy is absorbed in bond-breaking processes. This energy is required to 
break the ionic bonds within the crystal lattice; it is called the lattice energy. 

(b) Energy is liberated in bond-forming processes. This energy is evolved when 
the free ions react with water molecules to become hydrated; it is called heat of 
hydration. 

Both phenomena occur simultaneously, and whichever is the greater will 
determine whether the solution process is exothermic or endothermic, i.e. whether 
the heat of solution is negative or positive. 

These effects can be observed when a few grams of the following substances 
are added to 50 cm? of water in a beaker. The solution is stirred with a ther- 
mometer and any temperature difference noted. 

(i) Sodium ethanoate (sodium acetate) causes a temperature drop (a> b). 

(ii) Anhydrous copper(it) sulphate causes a large rise in oae 

uu). 

(iii) Sodium chloride causes little change in temperature (a and b similar). 


7.5 Heat of Neutralization 


Neutralization is the reaction between an acid and a base. Essentially, it is the 
formation of a bond between Hġą from the acid and OH a) from the base (sce 
Unit 8): 

Hia + OH aq > H20% 
Since bond-forming processes liberate energy, all acid-base reactions are 
exothermic. 
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Heat of neutralization of an acid by a base is the amount of heat liberated when 
one mole of hydrogen ions (Hi) from an acid reacts with one mole of 
hydroxide ions (OH,,)) from a base. 

Where both the acid and base are strong, it is always found that the heat of 
neutralization approaches a constant value of 57 kJ liberated. This is to be 
expected bearing in mind that one mole of any strong monobasic acid (see 
Section 8.8) produces one mole of hydrogen ions which can be neutralized by one 
mole of hydroxide ions from a strong base. 


Hig + OH aq > H200 
AA peutratization = — 57-3 kJ mol ^! 


Where either the acid or the base (or both) is weak, the heat of neutralization 
is found to be less than 57 kJ. If the acid is weak its solution will not contain many 
hydrogen ions, and energy will therefore be used to liberate hydrogen ions from 
the undissociated acid in order to make them available for reaction with OH, 
ions. An example of such a neutralization is the reaction between ethanoic 
(acetic) acid, a weak acid, and sodium hydroxide, a strong base: 


CH, COOH) +Na* OH, > CH;COO “Nag, +H20,, 
AF neutralization = —56:1 kJ mol”! 


Experiment 7.2 Determination of the heat of neutralization of a strong acid with a 
strong base 

The apparatus required is shown in Fig. 7.4. 100 cm? of 1 M hydrochloric acid is 
measured into an expanded-polystyrene cup, and 100 cm* of 1 M sodium 
hydroxide solution is measured into a second polystyrene cup. When the two 
solutions have reached the same temperature the thermometer reading is noted. 


Then the sodium hydroxide is added to the acid, the mixture is quickly stirred 
and the highest temperature recorded. 


olystyrene cover 


Colorimeter 
(polystyrene cup) 


Acid plus 
alkali 


Fig. 7.4 Heat of neutralization apparatus 
Results 
Initial temperature of both acid and base — 21-2°C 
Final temperature of mixture = 269°C 
-. rise in temperature 5-1*C 


Il 
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Calculation 
The heat capacity of the calorimeter is ignored in this experiment because the 
mass of the polystyrene cup used as a calorimeter is small compared with that of 
the solution. 

The specific heat capacity of the solution is assumed to be the same as that of 
pure water, approximately 4-2 joules per gram per degree Celsius. 


Heat capacity of solution = mass of solution x specific heat capacity of solution 
(200 x 4-2) 

= 840JK^! 
Heat change in reaction = heat capacity of solution x rise in temperature 

= (840 x 5:7) 

= 4788 J 


ll 


Thus the amount of heat liberated when 100 cm? of 1 M H*CI- neutralizes 
100 cm? of 1 M Na*OH' is found to be 4788 J. 

Since a 1 M solution contains one mole of substance dissolved in 1000 cm? 
or 1 dm? (see Section 3.7), it follows that 100 cm? of a 1 M solution contains 
0-1 mole of substance, and we can write. 


4788 J is liberated in the neutralization of 0-1 mole H*CI~ by 0-1 mole 

Na*OH™ 

7. 47880 J is liberated in the neutralization of 1 mole H* CI” by 1 mole Na* OH- 

Therefore the heat of neutralization of hydrochloric acid by sodium hydroxide 
is 


AH peutratization = — 47-9 kJ mol! 


(The theoretical value is — 57:3 kJ mol !.) 


7.6 Heat of Precipitation 


When a colourless solution of silver nitrate is added to a colourless solution 
of sodium chloride a white precipitate of silver chloride is formed. A ther- 
mometer held in the solution shows a rise in temperature, indicating an ex- 
othermic reaction. The reaction is 
Agha +t NO Sag + Naaa t Cla > Ag* Cl t+Najaq +t NOsao) 
—— m RAR ARPE 
in solution in solution in solution 
The Naz, and NOs,, ions take no part in the reaction: they are simply 
'spectator' ions. Thus the precipitation can be represented essentially by the 
following ionic equation: 
Agi t Clay > Ag' Cl 
Like all bond-forming processes, the formation of the ionic bond in Ag* Cl, 
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is an exothermic reaction, and the liberation of heat is indicated by the negative 
value of the heat of precipitation: 


Agaa + Clay > Ag* Cl; 
AH precipitation = —65:7 kJ mol” A 


All precipitation reactions in aqueous solution can be expressed using an ionic 
equation such as this, and all liberate heat. 


7.7 Rate of Chemical Reaction 


So far in Unit 7 we have examined heat changes produced by the breaking and 
forming of chemical bonds of different strengths. Measurable heat changes 
result from fast reactions, such as the precipitation of silver chloride or the 
burning of gun-cotton. Other reactions, such as the corrosion of metals, are 
comparatively slow, and the heat changes associated with them would be 
difficult to measure. The study of the speeds or rates of reactions, which we 
are about to consider, is a branch of chemistry known as chemical kinetics. 

As a chemical reaction proceeds, reactants are being used up and new products 
formed. The rate of reaction may be expressed in terms of the number of moles of 
reactant converted in unit time or the number of moles of product formed in unit 
time. 

There are four main factors which influence the rate of a chemical reaction. 
They are: 

(a) the physical state of the reactants 

(b) the concentration of the reactants 

(c) the temperature of the reactants 

(d) the presence of a catalyst 
Let us consider each of these four effects in turn. 


7.8 Rate Dependence on the Physical State of the Reactants 


Manufacturers handling extremel 


liquid, e.g. a solid carbonate and an acid. 


Experiment 7.3 Reaction between marble and hydrochloric acid 
Marble, a naturally occurring form of calci 

me, a nat cium i * 
chloric acid liberating carbon dioxide: B e am 


2+ 2 — Á; 
Ca C03) +2H* Cle, ent CIL. H20)+C0,,. 
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Two pieces of marble of similar size are selected and one of them is ground to a 
fine powder. Each sample is placed in a conical flask half filled with dilute hydro- 
chloric acid. The fine powder reacts vigorously and the reaction is completed in a 
few seconds. In contrast, the single piece of marble shows only slow effervescence 
and the reaction continues for several minutes. 

This is because the fine powder has a greater surface area and exposes more 
particles for reaction with the liquid. Thus a reduction in the particle size leads to 
an increase in the rate of reaction. 


7.9 Rate Dependence on Concentration of the Reactants 


Chemical reactions take place when the appropriate atoms, ions or molecules 
approach and collide with one another. The greater the number of collisions, the 
more rapid will be the reaction rate. Thus increasing the number of particles per 
unit volume (i.e. the concentration) will cause more frequent collisions and hence 
an increase in the reaction rate. This picture of how chemical reactions take place 
is called the collision theory. 

When a burning spill of wood is plunged into a gas jar of oxygen it burns much 
more rapidly than it does in the air. This is because the concentration of oxygen in 
the jar is considerably greater than the concentration in the air. 

The effect of concentration on the rate of reactions in solution can be measured 
by maintaining one of the reactants at a constant concentration and varying the 


Clamp Gas syringe 


Magnesium ribbon 
reacting with 
hydrochloric acid 


Magnesium ribbon 


2M hydrochloric acid 


(o) ti 


Fig.7.5 Apparatus used in investi, ating the dependence of rate of reaction 
on concentration of reactants 
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concentration of the other. Some measurable change is recorded as the reaction 
proceeds. 


Experiment 7.4 Reaction between magnesium ribbon and hydrochloric acid. 
In this experiment we measure the volume of hydrogen liberated when different 


concentrations of hydrochloric acid react with a fixed mass of magnesium 
ribbon: 


Mg; -2H* Cl.) > Mg? * Clo (eq) + Hag 


The apparatus is illustrated in Fig. 7.5. 

10 cm? of 0:50 M hydrochloric acid is placed in the 250 cm? conical flask 
and to this is added a suitable length of magnesium ribbon (say 10 cm) so 
that it rests on the side of the conical flask without touching the acid (see 
Fig. 7.5a). The flask is then connected to a closed 100 cm? gas syringe, and 
tilted so that the magnesium ribbon drops into the acid (see Fig. 7.5b). The 
volume of hydrogen liberated is recorded at convenient intervals. 


The experiment is repeated, this time using 10 cm? of 0-25 M hydrochloric 
acid with the same length of magnesium ribbon. 


Results 


A graph is plotted (Fig. 7.6) to show th 


€ rate curves (volume of hydrogen against 
time) for the two different concentratii 


ons of magnesium. 


0:5 M hydrochloric acid 


0:25 M hydrochloric acid 


Volume of hydrogen (cm?) 


Time (minutes) 


Fig.7.6 Rate curves Sor two different concentrations of hydrochloric 
acid reacting with magnesium 


Rate of reaction A — volume/time 


=m/l 


= mcm? per minute 
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Rate of reaction B = volume/time 
=n/l 
= n cm? per minute 


As time passes both curves become progressively less steep, showing that 
the rate decreases. This is because the acid is used up as the reaction proceeds 
and hence its concentration becomes less. Eventually all the acid is used up 
and, as the volume of hydrogen remains constant, the rate curves flatten to a 
horizontal straight line. 

We can conclude from this experiment that the rate of the reaction is directly 
proportional to the concentration of the acid, provided that the magnesium is in 
excess. 


Experiment 7.5 Reaction between sodium thiosulphate and hydrochloric acid 
When hydrochloric acid is added to sodium thiosulphate solution, a precipi- 
tate of sulphur slowly forms: 


Nai S$203Gq) + 2H *Clag > Ss) + 2Na*Cliaq) + H200) + SO2%) 


The rate of this reaction is directly proportional to the concentration of the 
sodium thiosulphate, provided that the acid is in excess. The time needed for 
a certain amount of precipitate to form can be used to measure the rate of 
the reaction. The reaction flask is placed over a piece of paper with a cross 
on it and the time at which the mark can no longer be seen (owing to the 
turbidity) is noted. A shorter time means a faster reaction rate and therefore 
the rate is proportional to 1/time (1/7). 

45 cm? of 0-15 M sodium thiosulphate solution is placed into a clean dry 
100 cm? flask and the flask placed over a cross marked on a paper. 5 cm? of 
2 M hydrochloric acid is added and the time taken for the cross to disappear 
is noted. 

The experiment is repeated using different volumes of sodium thiosulphate 


Concentration of thiosulphate 


Reoction rate (1/time) 


Fig.7.7 Relationship between rate of reaction and concentration 
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solution in the same flask. The total volume before the 5 cm? of acid is added 
is always kept constant at 45 cm? with water (for example, 40 cm? thiosul- 
phate plus 5 cm? water, or 20 cm? thiosulphate plus 25 cm? water). 


Results 
A graph of concentration of sodium thiosulphate against reaction rate (1/t) is 
plotted (Fig. 7.7). The concentration of sodium thiosulphate in the reaction 
mixture may be measured as the volume of the original solution or as a 
fraction of the original concentration. 

The straight line graph shows the direct relationship between the rate of 
reaction and the concentration of sodium thiosulphate. 


7.10 Rate Dependence on Temperature 


For almost all chemical Teactions, the rate of the reaction increases with rise in 
temperature. Once started, exothermic reactions are self sustaining. The rate 
increases as the heat produced by the reaction goes to warm the surroundings— 
including the reactants. In an endothermic reaction once the external heat 
supply is removed, heat is absorbed from the surroundings, the temperature falls 
and the reaction rate decreases. 

Our kinetic model of matter and the collision theory explain this variation in 
rate with temperature. At low temperature the particles will be moving relatively 
slowly and there would thus be few collisions leading to products. However, as 


When two reactant particles collide, however, they do not necessarily react to 
form products. Each collision requires a certain amount of energy before reaction 
can occur. At a particular temperature not all particles have the same kinetic 


kinetic energy 


Number of particles with a given 


Kinetic energy 


-78 Effect of temperature on the kinetic energy of particles 
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energy. Those with high energy will be moving rapidly and collisions involving 
these are likely to be effective in producing reaction. Particles with low kinetic 
energy will be moving slowly and collisions involving these are not likely to 
produce reaction. 

Raising the temperature increases the kinetic energy of the particles and there- 
fore the number likely to be effective in producing reaction will be increased (see 
Fig. 7.8). 

From Fig. 7.8 it can be seen that increasing the temperature from T, to T; 
produces a large increase in the number of particles having kinetic energy greater 
than the value E,. This value E, is the minimum kinetic energy required if two 
particles are to react to form products, and is called the activation energy. 

Consider the exothermic reaction: 


A+B—>C+D_ (AH is negative) 


Fig. 7.9 illustrates the activation energy E, for the forward reaction A+B > 
C+D. 


A+B 


Energy 


(net energy 
released) 


C+D 


Course of reaction (reactants products) 


Fig. 7.9 Activation energy E4 is the minimum kinetic energy which the 


reacting particles must have if they are to form products 


In order for the reactants to form products they must have activation energy 
E,. The reactants are at a higher energy than are the products. There will therefore 
be a net release of energy indicated by AH in Fig. 7.9. 

The endothermic reaction C+D — A+B would be very slow because the 
energy barrier for this reaction is so large (activation energy is E, +A) that very 
few particles would possess this amount of energy. ‘ 

By using the reaction between fixed concentrations of sodium thiosulphate 
and hydrochloric acid it can readily be shown that the reaction rate increases 
with rise in temperature. The time taken for the turbidity to appear 1$ very 
much shorter at higher temperature than at low ones. 

For most chemical reactions, it is found that the rate is approximately doubled 
for every 10°C rise in temperature. 


N 
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7.11 Rate Dependence on Catalysts 


A catalyst is a substance which alters the rate of a chemical reaction but remains 
chemically unchanged at the end of the reaction. Those which increase the reac- 
tion rate are called positive catalysts, while those which slow the reaction are 
called negative catalysts or inhibitors. 

Although the mechanism of catalysts is often obscure, the ability of certain 
substances to catalyse reactions used in the production of ‘heavy’ chemicals is a 
vital factor in their economic manufacture. Examples of important catalysts in 
the chemical industry include vanadium(v) oxide (vanadium pentoxide) in the 
manufacture of sulphuric acid, and finely divided iron in the manufacture of 
ammonia gas. Indeed the list is almost endless and numerous references to the use 
of catalysts will be found in later Units. 

The effectiveness of a catalyst can be investigated in the laboratory by consider- 
ing the decomposition of hydrogen peroxide: 


2H20 (a4) > 2H20q)+Or4) 


Experiment 7.6 The catalytic decomposition of hydrogen peroxide 

(a) Apparatus similar to that illustrated in Fig. 7.5 is set up. A known volume 
of dilute hydrogen peroxide solution is measured into the conical flask and to it is 
added a small weighed amount of manganese(1v) oxide (Mn** 03 -). The volume 
of oxygen liberated is recorded at regular intervals by reading the syringe. 

The experiment is then repeated using other substances to test their catalytic 
properties. It is found that of the materials added none is more efficient than 
manganese(Iv) oxide as a catalyst in this decomposition. 


(b) A known volume of dilute hydrogen peroxide solution is poured into the 
conical flask and a small weighed amount of manganese(iv) oxide is added. The 
total volume of oxygen liberated is recorded when reaction ceases. The contents 
of the flask are filtered using a previously weighed filter paper, then washed with 
distilled water and dried in a warm oven. The dry manganese(iv) oxide and filter 
paper are finally weighed in order to obtain the mass of the oxide. /1 is found that 
the mass of manganese(1v) oxide remains unchanged. 

The experiment is repeated using different masses of manganese(Iv) oxide with 
the same fixed volume of hydrogen peroxide. In each case the final volume of 
oxygen liberated is recorded. This volume is found to be constant and independent 
of the amount of manganese(1v) oxide used. 

The role of a catalyst. It is generally believed that a catalyst assists the reaction 
by lowering the activation energy for the reaction (see Fig. 7.10). 


Although the catalyst lowers the activation energy, the heat change for the 
reaction (AH) is unaltered. 


7.12 Reversible Reactions 


When heating a pan of water, the tempe 


rature gradually ri il i 
100°C and the water begins to boil. A e eacha 


Boiling occurs with the rapid evolution of 
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E, (no catalyst) 


Reactonts} / ,—&-À--------------- 


A+B 


Energy 


(net energy 
released for both 
catalysed and 


uncatalysed reaction) Products 
[Products| 
t C+D 


Course of reaction (reactants products) 
Fig. 7.10 The effect of a catalyst on activation energy 


steam, and much of this steam condenses on the cool pan lid into droplets of water 
which fall back into the pan. 
This change of state is plainly reversible, and can be summarized by the 
equation: 
H;0, = H20% 


The sign = indicates that the reaction can be made to proceed in either direction 
simply by altering the conditions. Although not a chemical reaction this is a good 
example of a reversible process. 

When blue copper(i) sulphate crystals are heated they lose their water of 
crystallization, leaving white anhydrous copper(i) sulphate. If water is added 
to this white powder (after it has cooled), the blue colour immediately returns 
and heat is liberated. This indicates that the reverse reaction (hydration) is taking 
place. This reversible reaction, in which the products formed are capable of react- 
ing with each other to re-form the original substance, can be summarized by the 
equation: 


Cu?*SO1-.5H,0,, = Cu * SO$; t 5H;0g) 


Most chemical reactions can be considered as being theoretically reversible. 
Quite often, however, the change is largely in one direction only, and it is then 
signified by an arrow. For example, the burning of magnesium in oxygen 1s 
written: 


2Mgj)+ Oa > 2Mg'* Oo 
to indicate that, to all intents and purposes, the reaction goes to completion. 


7.13 Equilibrium 


When solid iodine is added to an ethanol-water mixture and stirred, the 
colourless liquid turns yellowish and the colour gradually deepens to a reddish 
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brown as the iodine dissolves. Eventually a stage is reached when the solution has 
become saturated and no more iodine seems to dissolve. The system is said to be 
at equilibrium. In order to discover something about the nature of this equilibrium, 
some solid radioactive iodine is added to the saturated solution. 

After a while some of the saturated solution is decanted from the solid and 
tested for radioactivity with a Geiger counter. The test is positive, showing that 
some of the solid radioactive iodine atoms must have gone into solution—even 
though the solution was already saturated. Moreover, if some non-radioactive 
iodine crystals are added to a saturated solution containing radioactive iodine, 
they become radioactive. Evidently crystals are still dissolving and, at the same 
time, re-forming despite the fact that the system is in equilibrium. 

Thus at equilibrium reaction does not stop. The system is in a dynamic (moving) 
State, continually changing from reactant to product and vice versa. The 
equilibrium of the iodine system discussed above is indicated by the following 
reversible reaction, in which the rates of the forward and backward reactions are 
equal: 

l = I, 
solid dissolved 


Effect of Changes in Concentration on the Equilibrium State 
When dilute hydrochloric acid is added to a yellow solution of potassium 
chromate(vi), an orange solution of potassium dichromate(vi) is produced: 


2K} CrO%eq+2H* Clay > K} Crj02.,-2K * Cl, - H,00, 
or 


2CrO fie) + 2H) > Cr,03 (4) HOn 
yellow orange 


Initially the rate of this reaction will be proportional to the concentrations of 
chromate(vi) ion and hydrogen ion, and it decreases as the concentrations of 
chromate(vi) ion and hydrogen ion decrease. The reverse reaction can occur as 
soon as dichromate(v1) ion is formed in solution. The rate of this reverse reaction 
will be slow at first, but it will incre; 


water increases. At equilibrium the 


2CrO$,, +2 


Rus Haq Crj03., + H20% 


orange 


If at equilibrium the concentration of a i 
ny of th 
rate of the forward and backw; s E ae ce 


ard reactio ill 
equilibrium has been disturbed, BELL urbe the same: The 
The addition of hydrogen ion (b; 
whereas thi : 


The effect of changing concentrati i 
hii ee tions can be further demonstrated by studying 
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Fe + SCN = FeSCN23) 
iron(im) ion thiocyanate ion monothiocyanato- 


(pale brown) (colourless) iron(m) ion 
(blood red) 


The blood-red colour deepens on the addition of either iron(m) ion, e.g. from 
iron(im) nitrate, or thiocyanate ion, e.g. from potassium thiocyanate. It 
becomes paler if the concentration of either (or both) of these reactants is 


decreased. 


Effect of a Catalyst on the Equilibrium State 

The addition of a catalyst to a system at equilibrium does not alter the 
equilibrium state. It simply alters the rate of both the forward and backward 
reactions so that the equilibrium condition is reached more quickly. 


Effect of Temperature on the Equilibrium State 

Variation in temperature affects the equilibrium concentrations. For an exother- 
mic reaction, the addition of further heat tends to inhibit the reaction and 
decrease the concentration of products; for an endothermic reaction, the addition 
of heat encourages the reaction and increases the concentration of the products. 


Summary of Unit 7 


1. Energy changes accompany all chemical reactions. 

2. In exothermic reactions energy is released; in endothermic reactions energy is 
absorbed. 

3. The heat of reaction AH is the amount of 
chemical reaction. AH refers to the amounts shown in 
for this reaction. 

4. Heat of combustion is the heat evolved in the compl 
mole of a substance. 

5. Heat of solution of one mole of an ionic soli 
the bond-breaking processes which use up energy 2! 
processes which liberate energy. 

6. Heat of neutralization of an acid or base is the heat evolved when one mole of 
hydrogen ions (H,*) or one mole of hydroxide ions (OH,,) is neutralized. 
For strong acids reacting with strong bases, the value is always about 
57.3 kJ mol" !. 

7. Therate of a chemical reacti 

and products are being formed. 

. Reaction rate is influenced by (a) 

concentration of the reactants, (c) t 
resence of a catalyst. 

. A Meme is one in which the products formed are capable of 

reacting with each other to re-form the original reactants. 

10. Chemical equilibrium is a state of balance in which the rates of the forward 


and backward reactions are equal. 


heat evolved or absorbed during a 
the balanced equation 


ete combustion of one 


d is the energy difference between 
nd the bond-forming 


ion indicates how quickly reactants are being used 


the physical state of the reactants, (5) the 
he temperature of the reactants and (d) the 


oo 


o 
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11. At a given temperature, a change in concentration of the reactants will alter 
the equilibrium concentration of the products. 

12. The addition of a catalyst to a reaction alters the rate of both the forward and 
backward reactions but it does not alter the equilibrium state, 

13. Variation in temperature affects the equilibrium concentrations. 


Test Yourself on Unit 7 


1. When solid ammonium chloride dissolves in water, a decrease in temperature 
results. Is this type of reaction called (a) neutralization, (b) exothermic, (c) endo- 
thermic, or (d) double decomposition? 


2. Explain why the reaction between anhydrous copper(11) sulphate and water 
is exothermic, 


3. State three means by which the rate of a chemical reaction may be increased. 


4. The curves in the graph show the volume of hydrogen evolved during the 
reaction between zinc and hydrochloric acid at 20°C. Curve I is obtained when 
0:13 g of zinc reacts with 10-0 cm? of 1 M hydrochloric acid. Curve II is 
Obtained when 0-13 g of zinc reacts with 10-0 cm? of 1 M hydrochloric acid 
in the presence of Cu?* ions. 


Volume of hydrogen 


Time 


OPE a balanced equation for the reaction taking place in the absence of 


with 0:13 g of zinc. 


The Cu2+ i: T 
N Cu?* ions increase the initial rate of reaction: True or False? 


Pe 
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(g) The Cu?* ions increase the total volume of hydrogen liberated: True or 


False? 
(h) Finely powdered zine increases the rate of reaction: True or False? 


(i) Finely powdered zinc increases the volume of hydrogen liberated: True or 


False? 
(j) Increasing the volume of hydrochloric acid increases the volume of 


hydrogen produced: Truc or False” 
(k) The presence of C u?* ions increases the activation energy for the forward 


reaction: True or False? 
(I) Increasing the temperature to 40 °C doubles the volume of hydrogen 


liberated: True or False? 
5. When dilute hydrochloric acid i5 added to a yellow solution of potassium 
chromate(vi) an orange solution of potassium dichromate(v1) is produced: 
KiCrOl, t H Clay c KF CrzO} qq) + K' Chey * H20% 


(a) Which of the following sets will balance the equation: 
(1, & 2.2 1 


3 2, l1 1 
(i) 2, 1, 1 2, 1 
(02, 2, 1 2, 1 
(02.2, 21 1 


(b) What would you observe if dilute sodium hydroxide solution was added 


to the orange solution? Give a reason for your answer. 


d. 375 
with the answers given on PA dis 


Mark this test out of 20 e 


Unit Eight 


Classification of Matter |: Acids, Bases 
and Salts 


The pH scale 


BASES 
Alkalis 


Solubility Salt hydrates Efflorescence Salt preparations 


‘Heavy’ chemicals are those manufactured on a large scale, and prominent among 
them are acids such as sulphuric and nitric, alkalis such as sodium hydroxide 
and ammonia, and the salts ammonium sulphate and sodium carbonate. This 
Unit looks at the chemistry of such compounds, paying particular attention 
to the properties of acids and bases, the role of the solvent in acidity, 
volumetric analysis and the preparation of salts. 


8.1 Acids and Alkalis 


Chemists have known and made attempts to define the term acid throughout 
history. The word 'acid' comes from the Latin acidus meaning 'sour', and a sour 
taste is one of the characteristics that nearly all acids have in common. However, 
it would be foolish to attempt to classify acids simply by their taste; after all, the 
deadly poisonous hydrogen cyanide is an acid when dissolved in water. 

In contrast to acids, alkaline solutions feel slippery or greasy. Alkaline 
substances were first obtained from the burnt remains of vegetable matter, and 
the word ‘alkali’ comes from the Arabic, al-qaliy, meaning ‘treated ashes’. 
All the alkalis and a number of insoluble substances can destroy or neutralize 
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the characteristic properties of an acid. The collective name given to all these 
substances, including alkalis, is the word base. A base is a substance which can 


neutralize an acid. 


8.2 Detecting Acidity and Alkalinity 


Solutions of acids and alkalis change the colour of certain dye solutions such as 
litmus (a mixture of dyes extracted from lichens), red-cabbage juice, flower-petal 
extracts and many others. Dye solutions which change colour in the presence of an 
acid or an alkali are called indicators. 

Different indicators give various colour changes when added to an aqueous 
solution of an acid or base. Universal indicator is a mixture of several indicators 
and gives a spectrum of colours, each one being characteristic of the degree of 
acidity or alkalinity of the solution to which it is added. Degrees of acidity and 
alkalinity are conveniently represented by numbers on a scale running from 0 to 
14; this is called the pH scale* (see Table 8.1). 


Table 8.1 The pH scale 


pH scale 0 1 2 3 4 5 6 TOR 9 9UOXT eo Bee 
Colour of ^ 3 P 
Universal Red —— Orange 3 $ a De RT 
indicator >» O 8 
E 
Increasing acidity Increasing alkalinity 
Neutral 
jik 


In the range 0 to 7, the lower the pH value the more acid the solution; in thè range 
7 to 14, the greater the pH value the more alkaline the solution. Thus a solution 
having a pH value of 2 will be more acid than one having a pH value of 4, and a 
solution with a pH value of 14 will be much more alkaline than one having a pH 
value of 8. A solution which is neither acid nor alkaline has a pH value of 7 and is 
said to be neutral: this is the pH value of pure water. 

In the following experiment the acidity or alkalinity of different oxides dissolved 
in water is tested with Universal indicator. In particular we test those oxides 
which were prepared by burning elements in oxygen (see Unit 6). 


Experiment 8.1 Acidity and alkalinity of oxides ; ; e 
Gas jars containing samples of gaseous oxides are shaken with a little distilled 
water, and the resulting solutions are transferred to separate test tubes. Small 


* Acidity is closely related to the concentration of hydrogen ion [Hz] in the solution. The pH value 
of a solution is defined as —log,o[Hz], i.e. minus the logarithm (to base 10) of the hydrogen-ion 
Concentration. For our present purposes the definition is less important than the fact that it offers a 


useful scale for measuring acidity and alkalinity. 
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quantities of other oxides are placed in test tubes which are half-filled with 
distilled water, and shaken. 

About 5 drops of Universal indicator are added to each oxide solution and the 
colour produced compared with standard colours on the Universal indicator 
bottle. Thus the acidity or alkalinity of each solution is easily determined. 


Observations 
; lip qm [ ; 
Oxide Colour of indicator | Conclusion 
Water H,O | green neutral 
Calcium oxide Ca? * Q?- purple alkaline 
Magnesium oxide Mg?* Q?- | purple sikating 
Sodium peroxide Naf03~- | purple alkaline 
Iron(r) di-iron(m) oxide Fe,0, green (does not "— j 
dissolve) 
Sulphur dioxide SO, | red acidic 
Carbon dioxide CO, orange weakly acidic 
Phosphorus(v) oxide P40, He red acidic 
Conclusion 


When dissolved in water, the oxides of the non-metals sulphur, carbon and 
Phosphorus produce acid Solutions, while the oxides of the metals calcium, 
magnesium and sodium give alkaline Solutions. 


8.3 Classification of Oxides 


Experiment 8.1 provides the basis for the classification of oxides. These classes are: 


(a) Acidic oxides. Oxides of non-metals dissolve in water to give an acid 
solution. For example: 


(i) sulphur dioxide gives sulphurous acid 
$05, +H,0. > H} SOf» 

(ii) sulphur trioxide (sulphur(vr) oxide) gives sulphuric acid 
803,--H;0, > Hf SOi 

(iii) phosphorus(v) oxide (phosphorus pentoxide) gives phosphoric acid 


P,0:o4--6H,0, > 4H? PO}, 
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Thus sulphur dioxide, sulphur trioxide and phosphorus(v) oxide are all acidic 
oxides. 

(b) Neutral oxides. These—as their name suggests— give neither an acid nor 
an alkaline solution when dissolved in water. They are not capable of neutralizing 
an acid or a base. Examples are water H20, carbon monoxide CO, nitrogen 
monoxide NO, and dinitrogen oxide N20. 

(c) Basic oxides. These are all oxides of metals. Only a few of them dissolve in 
water (giving a strongly alkaline solution of the hydroxide), but they are all 
capable of neutralizing an acid. For example: 


(i) Sodium oxide dissolves in water, producing much heat and giving the 
alkali sodium hydroxide: 


Naj 02)+H,0q ^ 2Na* OH 
Sodium oxide will also neutralize an acid, e.g. hydrochloric acid: 
NajO2)+2H* Cla > 2Na* Cl gq) +H200 


(ii) Copper(ir) oxide does not dissolve in water but is a basic oxide because 
it neutralizes an acid, e.g. dilute sulphuric acid: 


Cu^* O2; +H} SO3@q > Cu?* SO -H;OQ 


In general, all oxides are acidic, basic or neutral; there are some oxides, how- 
ever, which show additional properties necessitating further classification. 

(d) Amphoteric oxides display properties which are both acidic and basic. 
Examples include aluminium oxide (AB*O3-) and zinc oxide (Zn? * 0? N 
These are discussed in Unit 9. 

(e) Peroxides liberate hydrogen peroxide (H,0,) with an acid. Examples 
are sodium peroxide (Na2O2 ") and barium peroxide (Ba2* O3). When ice-cold 
dilute sulphuric acid is added to barium peroxide, white barium sulphate is 
precipitated and a dilute solution of hydrogen peroxide is formed: 

Ba?* 03,5 +H} O4, > Ba?* S04) + H20 200) 

(/) Compound oxides behave chemically as a combination of two metal oxides. 
For example, iron(m) di-iron(m) oxide FeO, behaves as if it were 
Fe?* 02-.Fe3*O2~, and dilead(n) lead(1v) oxide Pb,O, behaves as if it were 
(Bb**02-y, PEO 


8.4 Properties of Acids and Bases 


The properties of acids and bases can be used to 
definition of these terms. 


provide us with an operational 


(a) Acids 

(i) All acids have a sour taste. It is dangerous to taste 
fanfiliar with the sharp taste of vinegar (ethanoic or ace 
citrus fruits (citric and ascorbic acids). 


unknown acids but we are 
tic acid) and the acids in 
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(ii) Acidic solutions change the colour of Universal indicator to show a pH value 
less than 7. 

(ii) They react with a carbonate or hydrogencarbonate to liberate carbon 
dioxide. When dilute hydrochloric acid is added to calcium carbonate or 
sodium hydrogencarbonate, a rapid effervescence is seen. The gas which is 
evolved can be identified as carbon dioxide by the fact that it turns lime- 
water milky. 

2H* C1, 4-Ca?* CO25 > Ca?* Cl;,44- CO; 4- H204 


H* Claq)+Na*HCO3,) > Na *Claa t CO; t+ H20 


(iv) Acids are neutralized by a base. If sodium hydroxide is carefully added 
to a solution of hydrochloric acid containing Universal indicator, the colour 
changes from red through green to purple, and the solution becomes warm. The 
green colour represents a stage in the addition when the pH of the mixture is 
exactly 7 and the solution is neither acid nor alkaline. Such a reaction in which the 
acidic properties are destroyed is called neutralization; the product remaining in 
solution is a salt, in this case sodium chloride: 


H* Clay -Na* OH, > Na* Clay +H,0q) 
For any acid/base reaction we may write: 


ACID+BASE — SALT-+ WATER 
(b) Bases 
Most bases are either oxides or hydroxides of metals. The only property common 
to all bases is their ability to neutralize an acid. For example, insoluble black 


copper(11) oxide neutralizes sulphuric acid, producing a blue solution of the 
salt copper(1) sulphate: 


Hz S02, + Cu?* O25 > Cu?* SO, -- H;Oq 


Similarly the bases sodium hydroxide (Na*OH~), magnesium hydroxide 
(Mg? * (OH 7);) and calcium oxide (Ca? * O?-), will neutralize acids to form a 
salt and water only. 

Soluble hydroxides of metals are also called alkalis. Examples include 
sodium hydroxide (Na* OH-), potassium hydroxide (K * OH -) and calcium 
hydroxide (Ca?* (OH -);). All alkalis are so classified because they provide 
OH Gx) ions as the only anions in aqueous solution. For example: 


Na*OHG > Nag.) HOH Ga 
Aqueous ammonia, althou 


gh it is not a metal h i i 
alkali because of the follo metal hydroxide, can be classified as an 


wing reaction with water: 
NH3)+H,0y > NH diag) +OH aay 
ammonium ion 
In addition to their ability 
properties: 


(i) they feel greasy or soapy when dissolved in water 


to neutralize an acid, a/kalis have the following 
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(ii) their solution in water changes the colour of Universal indicator to show a 


pH value greater than 7 
(iii) they liberate ammonia when warmed with an ammonium salt: 


NH Cl5+Na* OH gq) > Na* Clq + NHaiq t+ H;0u 


8.5 Acids and Bases in More Detail 


Svante Arrhenius (1859-1927), a Swedish scientist, received the Nobel Prize in 
Chemistry in 1903 for his work on the dissociation theory of acids, bases and 
salts, Arrhenius postulated the existence of ions in aqueous solutions. As early as 
1884 he suggested that substances which yield hydrogen ions in aqueous solution are 
acids, Hydrogen chloride gas yields hydrogen ions in aqueous solution as follows: 


HCl xd Hát Cla 


The solution is an acid, it is in fact hydrochloric acid. Similarly, nitric acid 
yields hydrogen ions in solution: 


HNO;, > Háa-- NOsqg 


Substances giving hydroxide ions, OH), in aqueous solution are bases according 
to Arrhenius’ theory. For example, sodium hydroxide and potassium hyd- 


roxide yield hydroxide ions as follows: 
NaOH, mie Naka +OH aq) 
KOH. ^ Kg +OHea 


A neutralization reaction between any acia (a source of Haq) 
source of OH) is the combination of hydrogen ions and hydro 
water molecules, and can be written: 


Hig) +OH@q > H20% 


One of the problems faced by J. N. Brónsted in Denmark and T. M. Lowry in 
England (1923) was the nature of the hydrogen ion Hi. This problem can be 
illustrated by looking closely at the acidity of hydrogen chloride. If dry hydrogen 
chloride gas is dissolved in dry methylbenzene (toluene), the solution shows no 
acidic properties and is non-conducting. No ions are present in this solution. 

When hydrogen chloride is dissolved in water, the solution gives an acid 
reaction with carbonates and allows an electric current to pass through it with 
decomposition taking place at the electrodes. : 

If the solution of hydrogen chloride in methylbenzene is shaken with water, the 
methylbenzene and water form two layers. The lower aqueous layer displays all 
the properties of the hydrogen chloride/water solution, showing that some of 
the hydrogen chloride has passed into the aqueous layer. iu 

Thus the water must play some part in the acidity of hydrochloric acid. We 
believe that the hydrogen ion is hydrated by a water molecule to form an oxonium 


ion H304,) 


and any alkali (a 
xide ions to form 


Hig +H20% — H30 (0) 
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and that hydrogen chloride dissolves in water as follows: 


HCl, - H;04 > H3Oġa + Cl, 


(aq) 
This is in line with the Brónsted-Lowry definition of an acid as any substance 
consisting of molecules or ions that donate protons. Similarly, a base may be 
regarded as an acceptor of protons. In the above reaction the hydrogen chloride 
donates a proton (H+) to a water molecule and is therefore an acid. 

Any compound releasing hydroxide ions must be a base, because the hydroxide 
ion is capable of accepting a proton to form water: 


OH gq) -H30$, > 2H;0, 
Similarly, ammonia is a base capable of accepting protons: 
NH;;- H0, > NH, OHG 


(aq) 
The base (NH;) accepts a proton from the water. 
Although we appreciate that an acid donates a proton to a water molecule it is 
often convenient to write the hydrated proton simply as Hg. 


8.6 Quantitative Reaction between Acids and Bases: 
Volumetric Analysis 


Progressive addition of an alkali to an acid, or vice versa, is called a titration and 
enables us to compare the concentrations of acid and alkali solutions. A 
titration is carried out in the presence of an indicator, such as methyl orange or 
phenolphthalein, which shows by its change in colour the point at which neither 


acid nor alkali is present in excess. Table 8.2 illustrates the colours of common 
indicators in acid and alkaline solution. 


Table 8.2 Common indicators 


Indicator Colour in acid Colour in alkali 

Methyl orange red yellow 

Bromothymol blue yellow blue 

Litmus red blue 

Phenolphthalein colourless red 
Definitions 


Using these values it is possible to calcula: 
make any given volume of a standard soluti 


te the mass of material required to 
on, as in the following examples. 
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Table 8.3 Molar mass of acids, alkalis and carbonates 


Substance Formula Mass of 1 mole (in grams) 
Hydrochloric acid HtA- 14-35:5 = 36:5 
Sulphuric acid HiSOi- 24+32+(4x 16) z 98 
Nitric acid H*NO; 1--144- (3 x 16) - 63 
Sodium hydroxide Na*OH™ 234+16+1 = 40 
Potassium hydroxide K*OH™ 39+16+1 = 56 
Sodium carbonate Nał C037 (2x23)+12+(3x 16) = 106 
Sodium hydrogencarbonate Na*HCO; 23414+124+(3x16) = 84 


Example 8.1 What mass of sodium hydroxide is needed to make 1 dm? 
(1000 cm?) of 0-1 M solution? 


1 dm? of 1 M sodium hydroxide requires 40g 
hence 1 dm? of 0:1 M sodium hydroxide requires 4 g (Answer) 


Example 8.2 What mass of sulphuric acid is needed to make 250 cm? of 1 M 
solution? 


1 dm? (1000 cm?) of 1 M sulphuric acid requires 98 g 
hence 250 cm? of 1 M sulphuric acid requires 24-5 g (Answer) 


Example 8.3 What mass of sodium carbonate is needed to make 250 cm? of 
0:1 M solution? 


1000 cm? of 1 M sodium carbonate requires 106 g 
hence 250 cm? of 1 M sodium carbonate requires 26:5 g 
and 250 cm? of 0-1 M sodium carbonate requires 2:65 g (Answer) 


Experiment 8.2 Standardization of hydrochloric acid 

‘Standardization’ of a solution means the determination of its concentration. In 
this experiment the solution to be standardized is approximately 0:2 M hydro- 
chloric acid, and the method is to titrate a standard solution of sodium 


carbonate against the acid. 


Step 1: preparation of 250 cm? of 0:1 M sodium carbonate i 

As we found in Example 8.3 above, 2:65 g of sodium carbonate is needed to 
make 250 cm? of 0:1 M solution. Exactly 2-65 g of anhydrous sodium carbonate 
is therefore weighed (in a weighing bottle) and transferred to a clean beaker. The 
weighing bottle is carefully washed with distilled water, and the washings allowed 
to drop into the beaker. The solid is dissolved and the solution transferred to a 
sing a funnel. Care is taken to ensure that all the 


250 cm? graduated flask, u hang 
solution is transferred from the beaker. The solution is made up to the mark on the 


flask and shaken well. It is exactly 0-1 M. 
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Step 2: the titration 
A clean, dry 50 cm? burette is filled with the hydrochloric acid above the Oem? 
mark. When the tap is opened acid drains from the burette. The level is adjusted 
so that the bottom of the meniscus is level with the 0 cm? mark. 

Using a clean, dry pipette, 25 cm? of the sodium carbonate solution is trans- 
ferred to a clean conical flask. When all the liquid has drained from the pipette the 
surface of the liquid is touched with the tip of the pipette to ensure that exactly 
25 cm? of solution has been taken. A few drops of methyl orange indicator are 
added, the colour noted, and the flask placed directly below the burette (see 
Fig. 8.1). A white tile under the flask enables colour changes to be seen more 
Clearly. 


Approximately 15 cm? of acid is allowed to run into the flask, then, shaking 
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Fig. 8.] Apparatus for the titration of sodium carbonate with 
hydrochloric aci, 
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after each addition, acid is run in 1 cm? ata time until the colour just changes from 
yellow to pink. The stage at which the colour change occurs is called the endpoint. 

This first titration is only a trial, but from it we know roughly how much acid is 
needed to neutralize a 25 cm? sample of the carbonate solution. Using this result 
as a guide, at least two further titrations are carried out on separate 25 cm? 
portions of the carbonate solution; the volumes of acid used in two consecutive 
titrations should agree within 0-1 cm?. 


Results 
First burette Second burette Volume of acid 
reading reading used 
cm? cm? cm? 
Trial 0-0 25-0 25.0 
Accurate 0-0 24.5 24-5 
Accurate 24-5 49-0 24-5 


Thus 24-5 cm? of hydrochloric acid requires 25-0 cm? of 0:1 M sodium car- 
bonate solution for neutralization. The equation for the reaction is: 


Naf CO3z_)+2H* Clg, > CO2y+2Na* Clg t+ H20w 


Calculation 
The molarity of the acid is calculated from the following formula (which is 
applicable to many other types of volumetric exercise and should be committed 


to memory): 


number of moles of Substance 1 in the balanced equation 
number of moles of Substance 2 in the balanced equation 


_ (volume of Solution 1 (V;)) X (molarity of Solution 1 (M;)) 
~ (volume of Solution 2 (V3) x (molarity of Solution 2 (M;)) 


moles of 1 in balanced equation _ V,xM,; 


or Inojes;Ot ASAE 
moles of 2 in balanced equation V,xM2 


If Substance 1 is hydrochloric acid and Substance 2 is sodium carbonate, 


substitution in the formula gives: 
2. 245x molarity of acid 
qm 250x01 

> id 2x250x0:1 

molarity of acid — MASS T d 45 


= 0:204 
Thus the hydrochloric acid solution has been standardized: its molarity is found 


to be 0-204 M. 
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8.7 Calculations Involving Acid/Alkali Reactions 


The method described above for the titration of hydrochloric acid with 
sodium carbonate can be used for any other acid/alkali reaction, Reactions 
involving hydrochloric acid or nitric acid or sulphuric acid with sodium hydrox- 
ide or potassium hydroxide can use either phenolphthalein or methyl orange 
as indicator, whereas acid/carbonate and acid/hydrogencarbonate reactions 
always use methyl orange or some similar related indicator. The indicator 
chosen for any particular titration depends on its range of acidity and alka- 
linity. 

Example 8.4 Calculate the volume of 0-1 M hydrochloric acid that is neutralized 
by 20 cm? of 0:2 M sodium hydroxide solution. 


Calculation 
The formula for use in all examples such as this is: 
number of moles of acid in the 
(volume of acid) x (molarity of acid) balanced equation 
(volume of. alkali) x (molarity ofalkali) number of moles of alkali in the 
balanced equation 


The equation for the reaction between sodium hydroxide and hydrochloric 
acid is: 


Na* OH, -H*Clz, > Na*Cls+H,0,, 


showing that one mole of acid reacts with one mole of alkali. Substituting in the 
formula: 


volume of acidx0-1 1 
20x 0:2 WT 
volume of acid — EUN 
1x01 


= 40 cm? (Answer) 


Example 8.5 Calculate the molarit 


Bt Y of a sulphuric acid solution, 24 cm? of 
which is neutralized by 18 cm? 


of 0:04 M potassium hydroxide solution. 
Calculation 
The equation for this Teaction is: 


H} SOfq+2K*OH,,, > K7SO3;,)+2H,0, 
showing that one 
formula: 


q 


mole of acid reacts with two moles of alkali. Substituting in the 


24x molarity of acid — | 
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18x0-04 x1 
2x24 


— 0-015 M (Answer) 


molarity of acid — 


Example 8.6 Calculate the molarity of a solution of sodium hydroxide con- 
taining 0-1 g in 50 cm? solution. 


Calculation 
A molar (1 M) solution of sodium hydroxide contains 40 g in 1 dm?. The 


given solution contains 0-1 g sodium hydroxide in 50 cm?, 

ie = x 0-1 gin 1000 cm? 

& -o gin cm 

ie, 2gin 1 dm? 

The given solution is only ds as concentrated as a molar solution: its molarity is 
therefore 2; = 0:05 M (Answer) 


8.8 Weak and Strong Acids 


The terms ‘weak’ and ‘strong’ when applied to electrolytes indicate the degree to 
which they dissociate into ions when dissolved in water. A strong electrolyte will 
give many ions in aqueous solutions, a weak electrolyte few. These terms must not 
be confused with ‘concentrated’, indicating a large mass of dissolved material in a 
given volume of solution, and ‘dilute’ meaning a small mass of dissolved material 
in a given volume. 

As mentioned in Unit 5, ethanoic (acetic) 
current with difficulty. This indicates that ions 
same amount as are present in a solution of, say, 
Thus the reaction 


CH;,COOH qq) +H20w > CH; COO gq) +H3 Ota) 


acid solution conducts an electric 
must be present, but not in the 
nitric acid. 


occurs to a far less extent than 

H*NO5jqq)+H20q > NO0 t H3 0,0) 
ed into oxonium ions H3Oğa and 
hereas ethanoic (acetic) acid is a 
s solution. Much of the ethanoic 


Nitric acid is a strong acid, fully dissociat 
nitrate ions NOsq) in aqueous solution, W! 
weak acid with few oxonium ions in aqueou 
acid remains in solution as undissociated CHCOOH molecules. 

Because of their different degrees of dissociation, equally concentrated solu- 
tions of ethanoic acid and nitric acid will differ in their pH values. Tests with 
Universal indicator show that the pH value of 0-1 M nitric acid is 1, and that of 
0:1 M ethanoic acid is approximately 3. (The lower the pH value, the stronger 
the acid.) 

Many weak acids occur naturally. They are often organic compounds con- 
taining carbon, hydrogen and oxygen. For example: 


methanoic acid (formic acid) HCOOH is present in the ‘sting’ of ants; 
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ethanoic acid (acetic acid) CH;COOH occurs in vinegar; 
butanoic acid (butyric acid) C 3H;COOH is responsible for the odour of rancid 
butter and ‘strong’ cheese; 


ethanedioic acid (oxalic acid) (COOH), occurs as a potassium salt in the leaves 
of rhubarb. 


Basicity of an Acid 

The number of replaceable hydrogen ions in one molecule of an acid is called its 
basicity. Thus the basicity of hydrochloric acid (H *CI ^) is 1, that of sulphuric 
acid (H2SO4 ) is 2, while that of Phosphoric acid (H{PO3>) is 3. Hydrochloric 
acid is described as a ‘monobasic’ acid, sulphuric acid is a ‘dibasic’ acid, and 
Phosphoric acid is a ‘tribasic’ acid. 


8.9 Salts 


The ‘common salt’ used in everyday life as a seasoning is only one of a whole 
group of chemical compounds, the collective name of which is salts. 

In general a salt is formed when the hydrogen ion of an acid is replaced wholly 
OF partly by some other cation, e.g. the metal ion Cu?* or the ammonium ion 
NH}. 

Thus when pieces of magnesium ribbon are added to dilute hydrochloric acid 
(H* Clay), the metal dissolves and bubbles of colourless hydrogen gas are given 


off. The magnesium replaces the hydrogen ions in the acid, forming the salt 
magnesium chloride in solution: 


Mg)+2H*Clz,, > Mg?* Clia +H) 


Normal Salts and Acid Salts 


When all the hydrogen ions of an acid are replaced by other cations, the product 
1S a normal salt; but if one or 


: u more hydrogen ions remain associated with the 
anion, the product is an acid salt. The term ‘acid salt’ does not necessarily imply 
a pH less than 7. 


8.10 Solubility of Salts 


The oceans contain about 27% A 
3 4L 4:776 by mass of dissolved Sodium chloride, and 
mu quantities of this salt are extracted by solar evaporation of sea water. 
Water evaporates the Solution eventually becomes saturated, and solid 
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Table 8.4 Salts derived from common acids 


Acid Formula Salt Type Example 
Nitric H*NO; Nitrates normal K*NO;; 
Ba?*(NO3)2 
Hydrochloric H*Cl* Chlorides normal  Na*Cl-; Cu?*Clz 
Hydrobromic H*Br^ Bromides normal  K*Br^; Pb?*Brz 
Hydriodic H*I^ Iodides normal  NHZI;Pb^'I; 
Ethanoic (acetic) CH4COOH Ethanoates normal CH,COO^Na*; 
(acetates) (CH,COO~),Cu?* 
Sulphuric HiSOi* Sulphates normal Agł S047; 
Mg?+* S047 
Hydrogen- 
sulphates acid Na* HSO% 
Carbonic H}CO}- Carbonates normal NajCO3~; 
Ca?+CO3- 
Hydrogen- 
carbonates acid Na* HCO; ; 
Ca?*(HCO3)2 
Phosphoric Hj PO3}- Phosphates normal Agi PO}; 
Fe? + PO} 
Dihydrogen- 
phosphates acid Na* H;PO; 
Monohydrogen- 


phosphates acid NajHPOj- 


sodium chloride begins to form as crystals. The term saturated is used to 
indicate a stage when the solvent contains as much solute as it can dissolve at 
a particular temperature; at this stage dissolved solute and crystals of 
undissolved solute can exist together. 


Sodium chloride is quite soluble in water but lead(m) chloride is only 


sparingly soluble. Thus the degree of solubility varies from one salt to another, 
cessary to saturate a 


and we define solubility as the number of grams of a solute ne 
fixed amount of solvent (usually 100 g) at a given temperature in the reunir 
of undissolved solute. 


Solubility Curves 

A solubility curve shows the variation of solubility with temperature. In general 
the solubility of a salt increases with increasing temperature, as illustrated in 
Fig. 8.2. 

Experiment 8.3 Determination of the solubility of potassium chloride, and 
construction of a solubility curve. Da 

A weighed amount (10 g) of potassium chloride is placed in a boiling tube. A 
small measured volume of distilled water is added from a burette and the tube 
warmed in a water bath to 80°C. Distilled water is added—with constant 
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Fig.8.2 Solubility curves for five typical salts 


stirring—until all the solid potassium chloride dissolves, the temperature 
being maintained at 80°C. The tube is removed from the water bath and allowed 
to cool. During cooling the solution is stirred continuously with a thermometer 
and the temperature at which the first crystals appear is recorded, see Fig. 8.3. 
The solution is reheated and cooled until consistent readings for the crystalliza- 
tion point are obtained. Thus the mass of water (1 cm? of water can be considered 
as having a mass of 1 g approximately) which is saturated by 10 g of potassium 
chloride is known at the recorded temperature and hence the solubility can be 
calculated at this temperature. 

A small measured quantity of water is then added from the burette and the 
new, lower, temperature at which crystals appear is recorded. This procedure is 
repeated several times and a graph is plotted from the solubilities at the various 
temperatures: such a graph is called a solubility curve. The solubilities can be 
determined at each temperature, as illustrated by the following example. 


Results 
Mass of potassium chloride used = 10-00 g 
Volume of water added from the burette = 20-0 cm? 


-. mass of water = 200g 
Average temperature at Which crystals appear = 80°C 


Calculation 


20:0 g of water at 80°C is saturated by 10 8 of potassium chloride 


L0 g of water at 80*C is saturated by 19 x 1-0 g of potassium chloride 


100-0 g of water at 80°C is saturated by 38 x 100 = 50 g of potassium 
chloride 


Thus the Solubility of potassium chloride at 80 
one point for the Construction of the solubility 


"C is 50 g. This result provides 
curve of potassium chloride in 
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Water bath 


i= Solution of 
potassium chloride 


Fig. 8.3 Determination of the solubility of potassium chloride at different 
temperatures 


mperatures can be obtained in a similar 


water. Other points for different te 
m chloride is illustrated in Fig. 8.2. 


manner. A typical curve for potassiu: 


At room temperature it is convenient to classify the solubility of many salts as 


follows: 
(a) All the common salts of sodium, potassium, 
soluble. 
(b) All nitrates are soluble. 
(c) All the common chlorides, except 
are soluble. 
(d) All the common sulphates, except 
are soluble. 
(e) All carbonates, excepi 
insoluble. 


and ammonium (NHj) are 


those of silver, lead(ir) and mercury(I), 


those of lead(1), barium and calcium, 


t those of the alkali metals and ammonium, are 


8.11 Hydrated Salts 


The evaporation of solutions of many salts eventual 


definite shape and colour. Dry crystals of many o! 
vapour when heated. Such water is chemically combined wi 


some cases the anion) and is incorpo 


‘combined’ water is called water of crystallization, and 


said to be hydrated. Those salts which do not contain W: 


said to be anhydrous: they may or may not be crystalline. 
Some commonly occurring hydrated salts are listed in Table 8.5. 


ly produces crystals having a 
f these salts liberate water 
th the cation (and in 
rated in the structure of the crystal. This 
salts which contain it are 


ater of crystallization are 
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Table 8.5 Examples of hydrated salts 


= Za — 
Name Formula Common name 
Copper(i) sulphate-5-water Cu?*SOi-.5H,O blue vitriol 
Magnesium sulphate-7-water Mg?*SO2-.7H,O Epsom salt 
Sodium carbonate-10-water NajCOj-.10H;O washing soda 
Sodium sulphate-10-water Na;SOji-.10H,O Glauber's salt 
Iron(u) sulphate-7-water Fe**SO2- .7H,0 green vitriol 
Calcium sulphate-2-water Ca?*SO2- .2H 20 gypsum 


The presence of water of c 
sample of the dry crystals in a boiling tube, as shown in Fig. 8.4. 

ry crystals of copper(11) sulphate the deep blue colour gradually 

liquid is collected in the water-cooled test tube. The 

boiling point of this liquid (100°C) shows it to be water. (Confirmation that a 


liquid is water can be obtained by Measuring its boiling point, freezing point and 
density under Specified conditions.) 


When water is added to col 
turns blue and much heat is 
liquid contains water, but not 


d, white, anhydrous copper(i1) sulphate the solid 
Produced. This is a test which indicates that a 
necessarily that it is pure water. 


Copper (n) Sulphate crystals 
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Experiment 8.4 Determination of the number of moles of water of crystallization 
associated with one mole of magnesium sulphate. 

An evaporating basin is weighed and about 5 g of magnesium sulphate 
crystals is added. The basin and contents are reweighed and then heated gently 
until no visible change can be observed. After cooling, the basin and contents are 
weighed. The basin is reheated for a short time, cooled and reweighed. This 
cycle of operations is repeated until two successive weighings are the same, show- 
ing that all the water of crystallization has been driven off. This process is termed 
‘heating to constant weight’. 


Results 
Mass of evaporating basin = 36:00 g 
Mass of evaporating basin + magnesium sulphate crystals = 41:24 g 


Mass of evaporating basin + anhydrous magnesium sulphate 
after heating to constant weight = 38:56 g 


Hence: Mass of magnesium sulphate crystals = 524g 
Mass of anhydrous magnesium sulphate = 256g 
Mass of water = 268g 


Calculation 
Since one mole of magnesium sulphate (Mg? + S037) has a mass of 120-5 g, the 
number of moles of magnesium sulphate present is 


2-56 
—— —110:0213 
120:5 g 
Since one mole of water has a mass of 18 g, the number of moles of water 
present is 
268 _ 9.149 
18 


te is combined with 0-149 moles of 


Hence 0-0213 moles of magnesium sulpha 
sulphate is therefore 


water of crystallization. One mole of magnesium 
combined with 


0:149 "m 
f crystallization 
00213 moles of water of crysta: 


— 6:995 — 7 to the nearest whole number 
ate crystals is Mg?^*SOs . 7H20. 


Thus the formula of magnesium sulph 


8.12 Deliquescence and Efflorescence 


Substances which absorb water from the atmosphere and dis 


solution are said to be deliquescent (see Section §.2). Miti 
In contrast, some hydrated salts lose their water of crystallization simply on 


standing in a dry atmosphere at room temperature. Thus translucent crystals of 


solve in it forming a 
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sodium carbonate-10-water (washing soda) crumble to a white powder on 


standing. In this case nine of the ten molecules of water of crystallization are 
spontaneously lost to the air: 


Na} CO3~.10H,0,, > Na} CO-.H;0,,--9H;0,, 


Such loss of water of crystallization is called efflorescence and the hydrated salt 
which loses the water is said to be efflorescent. 


8.13 Preparation of Salts 


Salts can be prepared in a variety of ways, and the choice of method is often 
dictated in practice by the solubility characteristics of the salt and of the 
reactants. This section illustrates the preparation of some simple salts and the 
isolation of a pure sample of the salt from solution. 


(a) Preparation of Salts by the Action of a Dilute Acid on a Carbonate, Basic 
Oxide, or a Metal 

The carbonates, basic oxides or metals used in these preparations are all 
insoluble in water. When reaction with the dilute acid is complete (warming if 
necessary) the excess oxide, metal or carbonate can be filtered leaving only a pure 
sample of the salt in solution. Suitable reactions include: 

heat 
> 


Cw*O's FH? SO) > Cu?+ SO$,, +H20,, 


Mg'* COS; +H} SO) > Mg'* S01, -H;0,--CO;,, 


Cu?* C035 aH SO: > Cu** SO$,, --H,0, +COr,) 


Mga +Hł SO; > Mg?*SO2;,)+ Hag 
Fe.) +H? SOR > Fe?+ SO; + Hoo 


Experiment 8.5 Preparation 
oxide and dilute Sulphuric acid 


Approximately 50 cm? of 2 M sulphuric acid is poured into a beaker or 
conical flask and heated 


nical almost to boiling on a tripod and gauze. Copper(t!) 
oxide is added carefully, 


a little at a time, until no more will react even after 
further heating: 
Cu? +02- 


i +H3SO%,,, > Cu? *SO$,,-- HO, 
The excess black solid Copper(i) oxide is filtered fr 
containing copper(i) sulphate 


s rops of 2 M sulphuric acid a: 
bright-blue solution, 


of copper(w) sulphate crystals from copper) 


‘om the hot solution. f 
is collected in an evaporating 
re added to maintain a clear 


between filter papers. 
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Cu?* SO2,4,7-5H209 ^ Cu?*SO2- .5H;0, 
The following preparations are similar to Experiment 8.5 (above) except that 


heat is not required. 
(i) Magnesium sulphate crystals from magnesium carbonate and dilute 


sulphuric acid 
(ii) Copper(u) sulphate crystals from copper(t!) carbonate and dilute 


sulphuric acid 
(iii) Magnesium sulphate crystals from magnesium metal and dilute sul- 


phuric acid 
(iv) Iron(u) sulphate crystals from iron filings and dilute sulphuric acid 


(b) Preparation of Salts by the Action of an Acid on an Alkali 

Unlike the previous method, both reactants are soluble in water. A titration (see 
Experiment 8.2) is required to ensure that the sample of salt contains neither 
excess acid nor excess alkali. The method is illustrated in the two following 


experiments. 


Experiment 8.6 Preparation of sodium sulphate 

Two clean dry burettes are required. One is filled with approximately 2 M 
sodium hydroxide solution, and the other with approximately 2 M sulphuric 
acid. Exactly 25 cm? of the acid is run into a clean conical flask, and a few drops 
of phenolphthalein indicator are added. The solution remains colourless. The 
reading on the second burette is noted and alkali is added to the acid a little at a 


time, shaking between each addition, until one drop of alkali turns the solution 


pink. The reading on the second burette is again noted, and the experiment is 
3. The added 


repeated until two consecutive readings agree to within 0-1 cm". 
sodium hydroxide has now neutralized the acid: 
HjS02, +2Na* OH, > Naz SO; —-2H;0o 
Suppose the volume of sodium hydroxide required to neutralize the 25 cm? 
. of acid is 48-6 cm?. These volumes of acid (25-0 cm?) and alkali (48:6 cm?) 
are then measured from the burettes into an evaporating basin, this time without 
any indicator. The solution is evaporated to crystallization point (see Ex- 
periment 8-5) and the crystals of sodium sulphate-10-water filtered from solu- 


tion and dried between filter papers. 
Na? SO$ G4 - 10H20% > Naż S027 .10H;0 


Experiment 8.7 Preparation of sodium hydrogensulphate 


The two burettes are filled with the same solutions of sodium hydroxide and 
sulphuric acid that were used in the previous experiment. Exactly 50 cm? of 
de in a crystallizing dish 


acid is mixed with 48-6 cm? of the sodium hydroxi 

and set on one side. Again no indicator is used to contaminate the salt. 
Doubling the quantity of acid used ensures that the alkali added is sufficient 
to neutralize exactly half the hydrogen ions from the sulphuric acid, leaving 


the acid salt: 
2Hz S025, +2Na* OH eq 5, 2Na* HSO444- 2H;00 
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After several days the crystals of sodium hydrogensulphate are filtered and 
dried between filter papers. 


Na* HSO,,--H,O, > Na*HSO; .H,0,, 


Care of burettes. Burettes must be carefully rinsed with distilled water after use 
and left to dry with the tap removed. Sodium hydroxide solution tends to dis- 
solve grease from taps and also to absorb carbon dioxide (from the air) forming 
sodium carbonate. This can cause the tap to become firmly cemented to its 
Socket; moreover, the formation of solid in a restricted space can break the 
burette. 


(c) Preparation of Insoluble Salts by Precipitation 

Insoluble salts can be prepared by ‘metathesis’ or double decomposition. In this 
type of reaction the insoluble salt is precipitated by mixing two solutions, one 
containing the cation and the other the anion of the insoluble salt. For example, 
yellow insoluble lead(t1) iodide is precipitated when solutions of lead() nitrate 


(containing the cation Pb?*) and potassium iodide (containing the anion I~) 
are mixed: 


Pb? + NO3 Jay +2K + Taq) 2 Pb?*13()+2K*NO3,,) 
The yellow precipitate of lead(it) iodide is centrifuged or filtered, washed with 
distilled water and dried. 


Other insoluble salts such as silver chloride, lead(11) chloride and barium 
sulphate are prepared by this method. 

If one of the materials available is insoluble it must be converted into a solution 
containing the appropriate ion. Thus in the preparation of lead(r) chloride from 
lead(i) carbonate, the insoluble lead() carbonate must first be converted into 
soluble lead(in) nitrate by the action of excess nitric acid: 


Pb**CO3,5-+2H *NO5(aq) — Pb? *(NO5) za TCO;-H;0q 


White insoluble lead(n) chloride can then be precipitated by the addition of a 
solution containing chloride ions. For example, using dilute hydrochloric acid 
(H* Cla): 

Po? * (NO3 Ja +2H*+ Cl. > Pb?* Cl, -2H* NOS.) 


(d) Preparation of Salts by Direct Combination 


A few salts such as iron(n) sulphide, iron(im) chloride and copper(i) sulphide 
may be obtained by direct combination of the elements. 


For example, when an intimate mixture of iron filings and sulphur is heated, a 


strongly exothermic reaction occurs. The mixture glows and bl id iron(i1 
sulphide is produced: eee nines note irn 


Few +S.) > Fe?* Si 
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Summary of Unit 8 


n 


~ 


an 


Iz 


con 


d 


. A strong acid yields many Hi; ions (actu 


. A concentrated solution is one which contains a 


- A saturated solution contains as much so 


- Solubility is defined as the number of grams of solute necess: 


An acid yields hydrogen ions in aqueous solution; more generally, it is a 
substance which donates protons to other substances. Other properties of 
acids include: 
(a) sour taste 
(b) reaction with a carbonate or hydrogencarbonate to liberate carbon 
dioxide 
(c) ability to change the colour of certain dye solutions (indicators) 
(d) neutralization by a base. 
A base is the oxide or hydroxide of a metal. It will neutralize an acid. 


. An alkali is a soluble base. It yields hydroxide ions in aqueous solution; more 


generally, it is a substance which accepts protons from other substances. 
Other properties of alkalis include: 

(a) 'soapy' feel 

(b) ability to change the colour of indicators 

(c) liberation of ammonia from ammonium salts. 


. The pH scale is a measure of the degree of acidity or alkalinity of a solution. 


The scale ranges from 0 to 14, a pH value of 7 representing a neutral solution. 
In the range 0 to 7, the lower the pH value the more acid the solution; in the 
range 7 to 14, the greater the pH value the more alkaline the solution. 
Oxides are compounds of an element with oxygen. They can be classified as 
acidic, basic, neutral or amphoteric. Other classes include peroxides and 
compound oxides. 


. Titration is the progressive addition of one solution (e.g. an acid) to another 


(e.g. an alkali) until reaction between them is complete. 


. A standard solution is one in which the concentration of solute is known. 


A one-molar solution contains one mole of solute dissolved in 1 dm? of 


solution. 


The molarity of a solution can be calculated from the following formula: 
(volume of Solution 1)x number of moles of Substance 1 
(molarity of Solution 1) _ inthe balanced equation 
(volume of Solution 2)x number of moles of Substance 2 
(molarity of Solution 2) in the balanced equation 


ally as oxonium ions H40*) in 
aqueous solution, whereas a weak acid yields few. t 
large mass of solute in a given 


volume of solution; a dilute solution contains à small mass of solute in a given 


volume of solution. i holly ( 
A salt is formed when the hydrogen ion of an acd diese 


normal salt) or partly (an acid salt) by some othercation. — 
ed lute as the solvent will dissolve at à 


rystals of undissolved solute. 


particular i resence of € 
temperature and in the p! ary to sat urate a 


fixed amount of solvent at a given temperature. 
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15. Hydrated salts contain a definite molecular proportion of water, chemically 
combined in a crystal of the salt, e.g. Cu?*SO2~.5H,O. Such combined 
water is called water of crystallization. 

16. A deliquescent substance absorbs water from the atmosphere and dissolves in 
it forming a solution. 

17. An efflorescent salt loses all or part of its water of crystallization when 
exposed to the air. 

18. Salts may be prepared by the following methods: 

(a) action of a dilute acid on a carbonate, basic oxide or a metal 
(b) neutralization of an acid by an alkali 
(c) precipitation (d) direct combination. 


Test Yourself on Unit 8 


1. A chemist labelled three shelves acids, bases and salts. On which shelf would 
you place the following chemicals? 

(a) NatOH- 

(b) Na*NO; 

(c) H*CI- 

(d) Ca?*o?- 

(e) Cu?*SO2- 


2. The pH value of a solution of nitric acid is always: 
(a) 1, (b) 7, (c) 14, (d) less than 7, (e) greater than 7. 


3. Distilled water has a pH of: 
(a) 1, (b) 7, (c) 14, (d) less than 7, (e) greater than 7. 


4. State whether the following statements are true or false: 
(a) A base is always soluble in water. 
(6) Sodium hydroxide is both a base and an alkali. 
(c) Hydrogen is released whenever an acid and metal are mixed. 
(d) All indicators give a red solution with an acid. 


(e) A gardener neutralizes an alkaline soil by the addition of ‘lime’ 
(calcium hydroxide), 


5. On standing in air, (i) sodium carbonate-10-water (washing soda) crystals 


crumble to a white powder, whereas (ii) sodium hydroxide pellets gradually 
turn into a colourless liquid. 


Select the most appropriate nam 
(ii) from the following list: 

(a) effervescence, 

(b) efflorescence, 

(c) hydration, 

(d) decrepitation, 

(e) deliquescence, 

(f) diffusion. 


€ for each of these two different processes (i) and 
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6. What volume of 0-100 M sodium hydroxide solution: 
(a) contains 4 g of sodium hydroxide? 
(b) neutralizes 25 cm? of 0-05 M hydrochloric acid solution? 
(c)neutralizes 25 cm? of 0-05 M sulphuric acid solution? Write the 
equation for this reaction. 
(d) reacts exactly with 0-5 mole of hydrogen ion from an acid? 

(Relative atomic masses: Na = 23, O — 16 and H = 1) 


7. Inthe following directions for the laboratory preparation of pure dry copper(1) 
sulphate crystals certain words and phrases are underlined. Correct these 
directions by replacing the underlined words and phrases. 

Approximately 50 cm? of concentrated hydrochloric acid is warmed with a 
little copper(m) oxide. When no more of the oxide reacts the mixture is poured 
into an evaporating basin and the residue evaporated to dryness. After cooling, 
the crystals are filtered, washed with a large volume of water and dried over 
a bunsen flame. 


8. The following graph shows the solubility curves for potassium nitrate, 
sodium nitrate, potassium chloride and sodium chloride. 


240 K*NO3 
_ 200 
5 
$ 
$ 160 
g Na*NO3 
9 
" 120 
o 
> 80 KCI” 
= 
3 
$ 40 
No* CI" 


o 20 40 60 80 100 


Temperature (°C) 


Potassium nitrate can be prepared by mixing hot saturated solutions of 
potassium chloride and sodium nitrate. Use the solubility curves to answer 
the following questions: 

(a) Which salt crystallizes first from solution at 80°C? 

(b) Which salt crystallizes first from solution at 10°C? — — i 

(c) At which temperature are the solubilities of potassium nitrate and 

sodium nitrate the same? 

(d) Which is the most soluble salt at 40°C? A: 

(e) If a saturated solution of sodium nitrate, at 80°C, containing 150 g 

sodium nitrate in 100 g water was cooled to 0°C, how much sodium nitrate 


would crystallize? 
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9. Insert the following oxides in their appropriate position in the table below: 
(a) carbon monoxide, (b) aluminium oxide, (c) dilead(i) lead(tv) oxide, Pb,0, 
(d) phosphorus(v) oxide, (e) sodium peroxide NZO2-, (f) copper(it) oxide, 


Classification "I Oxide 


Acidic 
: 
Basic 
Ep — — 
Neutral 


pr topboterie 
Peroxide 

C 
[CM SIS 


ompound oxide 


Unit Nine 
Classification of Matter il: The Metals 


Metallic properties 


Alkaline-earth metals 


Alkali metals 


Transition metals 
(iron and copper) 


Metals in the Periodic Table 


Extraction of metals 


The elements in the periodic table can be classified in many different ways, ©-B- 
solid, liquid and gas. However, one of the most convenient classifications has four 
drogen (which isina 


distinct categories: metals, non-metals, the noble gases and hy 
class by itself). This Unit begins by looking at those properties which can be used 
to classify elements as metals and then goes on to consider some of the more 
important metals. The chemistry of metals is developed to show property 
patterns and hence relationships in families or groups within the periodic table. 


9.1 What are Metals? 

Aluminium, iron, tin, copper and lead are very much part of the world we live in. 
For most people recognition of these substances as metals lies in their hardness 
and in their shiny lustrous surface. They can be hammered into shape (mallea- 
bility) and drawn into wires (ductility). These are only a few of the physical 
properties which the chemist uses to classify elements as metals. In order to 
explain these physical properties we need to look again at the structure of metals. 
A useful model of a metal is one in which the atoms exist as spherical, positive 
ions (cations) arranged in a regular three-dimensional network or ‘crystal lattice’ 


(see Unit 2). The electrons present in 
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4*7— Delocalized *mobile' 
electrons 


Fig.9.1 The metallic bond 


the groups of positive metal ions in the crystal lattice are surrounded by a ‘sea’ of 


mobile electrons (see Fig. 9.1). These mobile electrons constitute the metallic 
bond. 


9.2 Metallic Properties and the Metallic Bond 


(a) Conductivity 

High electrical conductivity in metals results from the ease of electron movement 

from one place in the metal crystal to another (see Section 5.1). s 
High thermal conductivity in metals is largely due to the movement of their 

mobile electrons. By contrast, heat conduction in ionic and covalent solids is 

accomplished by energy changes between particles during the slight thermal 

vibrations of the ions or atoms in their localized positions. 


(b) Metallic Lustre 


Metals are crystalline and their flat crystal surfaces are able to reflect light. This 


may also be explained, in part, by the surface mobile electrons absorbing and 
re-emitting light energy. 


(c) Malleability and Ductility 


In contrast to ionic and covalent crystals, which are brittle, metals have high 
malleability and ductility because it is relatively easy for metal atoms to be moved 
about within the lattice without destroying the bonding. 


9.3 Metals in the Periodic Table 
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consider the chemical properties of the metals and how they fit into the periodic 
classification of the elements. 


(a) Metals are elements which readily lose electrons to form cations. Mag- 
nesium, for example, loses two electrons to become the magnesium cation: 


Mg > Mg?* +2e 


(b) Metals form basic oxides (see Unit 8). Copper, for example, forms copper(i) 
oxide which will neutralize an acid. 

(c) The halides (chlorides, bromides etc.) of the metals have an ionic structure; 
when dissolved in water their solution conducts an electric current and is 
decomposed by it. 


Elements exhibiting these metallic properties are found on the left-hand side 
of the periodic table (see Fig. 2.4). Typical metallic families are the alkali 
metals (Group 1) and the alkaline-earth metals (Group 2), while some of the 
more common and important metals occur in the transition elements. 

Study of a typical family such as the alkali metals shows that the elements 
become more metallic in character as the atomic number increases. Thus 
potassium (At. No. 19) is more metallic than sodium (At. No. 11), which in 
turn is more metallic than lithium (At. No. 3). 


The alkali metals LI [| 
—— 

M 

f 


SS. 


AOUN 


Fig.9.2 Position of the alkali metals in the periodic table 


9.4 The Alkali Metals (Group 1) 


lpas of the alkali metals in the periodic table is shown in Fig. 9.2, and 
ir names, symbols, electronic configurations and important physi d 
erties are listed in Table 9.1. pone 
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Table 9.1 The alkali metals 


Lithium Sodium Potassium Rubidium — Caesium 


(Li) (Na) (K) (Rb) (Cs) 
Electronic configuration 2.1 2.8.1 2.8.8.1 2.8.18.8.1  2.8.18.18.8.1 
Atomic number 3 11 19 37 55 
Melting point (K) 452 371 337 312 302 
Boiling point (K) 1590 1165 1047 961 960 
Density (kg m^?) 534 970 860 1530 1870 


The alkali metals are soft solids and all are easily cut with a knife. When freshly 
cut, the surface shows a metallic silvery lustre which quickly tarnishes on exposure 
to the air. They are all good conductors of heat and electricity. 


9.5 Chemical Properties of the Alkali Metals 


The chemistry of the alkali metals is the chemistry of their ions. All of these metals 
readily lose their single outer electron to form positive ions with unit charge and 
the corresponding noble-gas structure. For example: 


Na > Na* +e 


The more easily the atoms lose this outer electron, the more reactive they are. 
Reactivity increases with increasing atomic number for two reasons: (a) the 
number of electron shells increases, shielding the outer negative electron from 
the attraction of the positive nucleus; (5) the distance of the outer electron from 
the nucleus increases, causing a decrease in the electrostatic attraction. Thus 


potassium is more reactive than sodium which in turn is more reactive than 
lithium. 


Reaction of the Alkali Metals with Water 


The gradation in chemical activity with increasing atomic number can be illus- 
trated by the reactions of the alkali metals with water. 


2Na,, -2H;0, > 2Na* OH, + Hau 
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Ifa piece of sodium is placed in a sodium spoon and then plunged beneath the 


surface of water in a trough, bubbles of a colourless gas rise from the metal and 
can be collected in a test tube filled with water (see Fig. 9.3). 


Hydrogen gos 


Sodium spoon 


Trough - 


Small piece of sodium in the wire cage of 
the sodium spoon 


Fig. 9.3 Sodium reacts with water to produce hydrogen 


On ignition the gas burns with a pale-blue flame. The gas is hydrogen. 

These experiments are then repeated with freshly cut pieces of lithium and 
potassium. The lithium sample moves around the surface of the water, 
gradually dissolving. Reaction is less vigorous than with sodium. On the other 
hand, pieces of potassium melt and skate around on the surface of the water 
very quickly; so much heat is generated that the hydrogen evolved is ignited 
and burns with a lilac flame characteristic of potassium. This reaction is much 
more vigorous than that of sodium or lithium. $ 

Caution: care must be taken when pieces of sodium, lithium or potassium 
are added to water. If possible cover the trough with a sheet of glass to 
minimize the risk of splashing. Small pieces of unused metal must be disposed 
of by dissolving them in a beaker containing excess methylated spirit placed in 


a fume cupboard. 


Reaction of the Alkali Metals with Air x t 
The alkali metals exhibit a distinct gradation in reactivity when exposed to air or 
oxygen. The surface of freshly cut lithium quickly tarnishes in air, but the metal 
needs to be warmed before it will react —quite vigorously—to produce lithium 
oxide: 

2Li,--30xw — Lii Oi 
Sodium forms mainly the peroxide: 

2Na--Ozt > Naz 036) 


Potassium, rubidium and caesium form the rather unusual ionic superoxide in 


which the orange-coloured Oz ion is present: 
Ky Oxo > K'Oxo 
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9.6 Uses of the Alkali Metals 


Sodium plays an important part in the manufacture of tetraethyl-lead(1v) which 
is used as an ‘anti-knock’ additive in petrol. Sodium is also used as a coolant and 
heat-transfer agent in some nuclear reactors, Rubidium and caesium are used in 
photoelectric cells. The photoelectric effect is observed when light of high energy 
strikes certain metals (particularly caesium) causing electrons to be emitted by the 
metallic surface. 


9.7 Detection of the Alkali Metals 


Chemical detection of most metal ions depends on their ability to form a precipi- 
tate (often coloured) with a suitable anion. However, the alkali-metal ions form 
few insoluble compounds and their presence is most easily detected by the colour 


Platinum or nichrome 
Flame colour wire sealed into glass tube 
characteristic of the |T \ M 
metal under test il \) 


Hottest part of the 
non-luminous bunsen flame 


Bunsen burner 


Fig.9.4 Flame test for metals 


Table 9.2. Characteristic flame colours 


Metal Flame coloration 

Lithium crimson-red 

Sodium yellow 

Potassium lilac (pink when vi 

Memes Ro ewed through blue cobalt glass) 
Caesium blue 

Barium apple-green 

Strontium red 

Calcium brick-red 


Copper blue-green 
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they impart to a bunsen flame. A platinum or nichrome wire is dipped in a solution 
of the alkali-metal salt with concentrated hydrochloric acid and then held in a 


hot, non-luminous bunsen flame (see Fig. 9.4). 


The colour produced in the flame by the vaporized metal atom is characteristic 
of the metal. Certain other metals also give characteristic flame colours and are 
consequently included with the alkali metals in Table 9.2. 


9.8 Important Compounds of the Alkali Metals 


The similarities in chemical properties between the corresponding compounds 
of the various alkali metals are such that we can summarize the chemistry of the 
whole group by studying only one metal. We choose to consider sodium com- 
pounds simply because they are the most common. 


(a) Sodium chloride, Na * Cl 
Sodium chloride occurs extensively as deposits of rock salt and in sea water 
(approximately 3%). Rock salt may be obtained by mining, but more often water 
is pumped down into the deposit and the salt is brought to the surface as brine. 
In warm regions ‘salt’ is produced by solar evaporation of sea water or taken 
from deposits around the dried-up fringes of salt lakes. 
Because of its widespread distribution and availability, 


many uses (see Fig. 9.5). 
Sodium 
carbonate 
Sodium 
chloride 
Sodium 
hydroxide 


Fig.9.5 Some of the uses of sodium chloride 


sodium chloride finds 


Sodium 


Hydrogen and 
hydrogencarbonate 


hydrochloric acid 


Refrigeration Sodium + chlorine 


Chlorides of metals 


(b) Sodium hydroxide, Na*OH™ (caustic soda) nup 
Sodium hydroxide is a white solid (melting point 591 K) which is sole 1m 


form of flakes, pellets or sticks. It is a caustic alkali (caustic — burning) €: 
should be handled with care. Most of it is manufacture by the electrolysis © 
sodium chloride solution in a mercury cell (described in Section 14.3). 

ie. takes up moisture and 


When the solid is exposed to air it deliquesces, 
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dissolves in it. A solution of sodium hydroxide readily absorbs carbon di- 
oxide, forming sodium carbonate: 


2Na* OH -- CO; > Naf CO}, +H20,, 


Thus sodium hydroxide left standing in a moist atmosphere acquires a white 
coating of solid sodium carbonate as the solution produced by deliquescence 
absorbs carbon dioxide. 

Other notable properties of sodium hydroxide include the following: 

(i) It is a strong alkali capable of neutralizing acids to produce salts. For 
example: 


Na* OH gq) - H* Cli, > Na* Cl, - H;0, 


(ii) The hydroxides of many metals can be precipitated from solution using 
sodium hydroxide solution. For example: 


2Na* OH, + Cu** S034) + Cu?* (OH ),, + Na $02, 
or 20H Gq) - Cu; > Cu?* (OH `) 


(aq) 


(iii) Sodium hydroxide, like any strong alkali, will liberate ammonia gas 
from ammonium salts on warming. This is a test for an ammonium salt. 


Na* OH, NH4 CI > NH;4,--H;O,)-- Na * Cla 


or OH + NHi, > NH3)+H20,) 


(c) Sodium carbonate (Na?*CO3-) and sodium hydrogencarbonate 
(Na*HCO;) 

Sodium carbonate-10-water Na? CO$-.10H;O is called washing soda. It is 

manufactured by the Solvay or ammonia-soda process, one of the most economic- 

ally efficient industrial processes (see Section 14.5). 


Washing soda is efflorescent, losing nine of its ten molecules of water of 
crystallization on standing in dry air: 


Na$COj" . 10H,0, > Na$CO2- .H;0,,--9H,0, 


(i) Action of heat 
On heating the carbonate, both the mono- and decahydrates give the anhydrous 


salt. Further heating has no effect: the carbonate is not decomposed. In contrast, 
sodium hydrogencarbonate decomposes 


x ge on heating to give the carbonate, 
carbon dioxide and water vapour: 


(8) 


- heat 
2Na*HCO 30) ——>Na}j COS, + H0, -CO; 


(ii) Action of acids 
Both the carbonate and h 


3 ydrogencarbonate of sodium and the other alkali metals 
liberate carbon dioxide 


on addition of an acid. For example: 
Na? C035 +2H*Clz,, > 2Na* Clo, + CO, HHO 
Na* HCO; +H*NOx,,) > Na* NO; +COx_)+H20,, 
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(iii) Action of water 
Solutions in water O 
sodium carbonate give an à 
greater than 7). 


f both sodium hydrogencarbonate and (particularly) 
Ikaline reaction with Universal indicator (pH is 


(d) Sodium sulphate, NaiSOj', and sodium hydrogensulphate, Na*HSO; 
The laboratory preparation of both these compounds is described in Unit 8. 
Sodium sulphate-10-water is commonly known as Glauber *s salt after the 17th- 


century German chemist, Johann Glauber. 
A solution of sodium hydrogensulphate is strongly acidic and exhibits some 


of the properties of sulphuric acid. 


(e) Sodium nitrate, Na*NO3 
Sodium nitrate occurs natura 
into sodium nitrite and oxygen: 
2Na* NO xy 3.5 2Na* NO + Ox 
is used extensively in 


lly as Chile saltpetre. It decomposes on heating 


Potassium nitrate, commonly called saltpetre or nitre, 
the production of fireworks and explosives. 


9.9 The Alkaline-earth Metals (Group 2) 
The position of the alkaline-earth metals in the periodic 
and the names, symbols, electronic configurations an 
properties are listed in Table 9.3. 

The Group 2 metals look more like metals than 
of their silvery appearance and greater hardness. 


The alkaline- 
earth metols 
A 


table is shown in Fig. 9.6, 
d important physical 


the elements of Group 1 because 


En i. 
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Table 9.3 The alkaline-earth metals 


Beryllium Magnesium Calcium Strontium Barium 


(Be) (Mg) (Ca) (Sr) (Ba) 
Electronic configuration 2.2 2.8.2 2.8.8.2 28.18.82 2.8.18.18.8.2 
Atomic number 4 12 20 38 56 
Melting point (K) 1550 924 1120 1042 1000 
Boiling point (K) 3243 1380 1760 1657 1910 
Density (kg m^?) 1800 1741 1540 2600 3600 


They tarnish on exposure to air, but not as rapidly as the Group | metals. All 
these elements are excellent conductors of heat and electricity. 


9.10 Chemical Properties of the Alkaline-earth Metals 


The elements in Group 2 can all easily attain a noble-gas structure by losing their 
two outer electrons. Thus the chemistry of these metals is essentially the 
chemistry of their dipositive ions (Mg?* , Ca2+ etc.). As with the Group 1 metals 
the reactivity increases with increasing atomic number. The properties of 


magnesium and calcium are typical of the group as a whole, and for this reason 
these two metals will be studied in some detail. 


(1) Reaction with water 
Unlike the alkali metals, 


e magnesium does not react readily with cold water. 
However, if it is heated it 


will react with steam (see Fig. 9.7): 


Mg, -H,0,, > Mg?* Of +H) 


Magnesium Rubber tube 
Rubber Silica Powder Pu tay 
stopper 


Fig. 9. 7 
14.9.7 Experiment to demonstrate the action of magnesium on steam 
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In contrast, calcium when freshly cut sinks in cold water and reacts steadily, 
liberating a colourless gas (hydrogen) which can be collected as shown in Fig. 9.8: 


Ca, -2H50q > Ca?* (OH ~)2(aq) + Hae) 


Piece of calcium metal 


Fig. 9.8 Calcium reacts with water to produce hydrogen 


(ii) Reaction with acids : à 
Both calcium and magnesium react with dilute mineral acids, but the reaction of 
boratory. Hydrogen 1S 


calcium is violent and should not be attempted in the la 
liberated from most dilute acids. For example: 


Mg -2H* Clay > Mg?* Cua Hato 


With nitric acid and magnesium, hydrogen is liberated only when the acid 


is very dilute (less than 5%). Magnesium is one of the few metals that will 
liberate hydrogen from nitric acid. With most other metals nitric acid acts as 
oxides of nitrogen. Copper, for 


an oxidizing agent and the products include ides of 
example, reacts with moderately concentrated nitric acid to produce nitrogen 
monoxide and a solution of copper(i) nitrate: 


3Cu,--8H* NO 3¢aq) > 3Cu?*(NO3 Yao t2NO q+ 4H20w 


9.11 Uses of the Alkaline-earth Metals 
ich finds important industrial use, 


M ium i Group 2 element whi ; ria: v 
agnesiur M E t alloys. Beryllium is used in high- 


particularly in light, strong, corrosion-resistan! 


strength light alloys. rN 
ill. 
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9.12 Important Compounds of the Alkaline-earth Metals 


(a) Calcium carbonate, Ca? * CO2- 
Calcium carbonate is one of the most abundant compounds in the earth's 
crust. It is found in a number of different forms. 


(i) In limestone 
Limestone occurs in layers as a sedimentary rock, having been formed from 
deposits of shells of minute marine animals millions of years ago. 


(ii) In marble 
Marble is limestone that has been changed by heat and pressure so that it is hard 
and capable of taking a high polish. 


(iii) In chalk 
Chalk has a similar origin to limestone but is softer and more porous. 
(iv) Calcite 


Calcite is a pure crystalline variety of calcium carbonate. Transparent 
colourless crystals are called Iceland Spar. 


Like all carbonates, calcium carbonate reacts with acids liberating carbon 
dioxide. For example: 


Ca?*CO3,,+2H* CI, > Ca?* C3, -H5044- CO; 
The reaction with sulphuric acid is rapidly inhibited by a layer of almost 


insoluble calcium sulphate. 


At high temperatures calcium carbonate is converted into white calcium 
oxide (quicklime): 


Ca?*CO25 > Ca?* Of CO; 


A lump of calcium carbonate (limestone) glows when hot but otherwise 
appears unchanged. After cooling, the addition of a few drops of water causes the 
lump to swell, crack, crumble and become so hot that steam is liberated. This 


chemical change is called slaking of quicklime: 
Cat ORE H;0, > Ca?*(OH- ave) 


Calcium carbonate is used as a raw material for the production of many 
other compounds, and its industrial importance is discussed in Unit 14. 


(b) Calcium hydroxide, Ca?* (OH -), (slaked lime) 
Calcium hydroxide is à white solid, slightly soluble in water: the clear solution 
is called /ime-water. Lime-water is used to test for carbon dioxide (see Section 


6.12) and has the properties of an alkali. A suspension of slaked lime (calcium 
hydroxide) in water is called milk of lime. 


(c) Calcium sulphate, Ca?*S02- 
Calcium sulphate occurs naturally as the mineral gypsum (Ca? + S037. 
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2H,0) and as anhydrite (Ca?*SO2-). Because of their slight solubility both of 
these minerals produce permanent hardness in water (see Section 6.16). 

When gypsum is heated it loses part of its water of crystallization, forming a 
white powder known as plaster of Paris (calcium sulphate-}-water): 


2Ca?*S02 - .2H,0,, > (Ca?*SO3 ); -H20) +3H20 19 


When mixed with water plaster of Paris is rapidly reconverted to gypsum, the 
mass setting to a solid. The setting process is accompanied by slight expansion, 
which makes plaster of Paris particularly useful for taking casts and for 
supporting broken bones. 


9.13 Aluminium 


roup 3. It is the most abundant 


Aluminium is the most important metal in G 
mica and many other 


metal in the earth’s crust, occurring in clays, feldspar, 
natural deposits. 

The electronic configuration and important physical pro 
are listed in Table 9.4. 


perties of aluminium 


Table 9.4 Physical properties of aluminium 


Electronic Atomic Melting Boiling Density 
configuration number point (K) point (K) (kg m^?) 
Aluminium 
(Al) 2.8.3 13 933 2740 2700 


Aluminium is a silvery white metal which quickly becomes dulled with a thin 


layer of oxide. This oxide film forms an inert protective layer on the metal 
surface and makes the aluminium very resistant to corrosive action. The thickness 
of the film can be increased artificially by an electrolytic process producing 


‘anodized’ aluminium. 


9.14 Chemical Properties of Aluminium 


We have seen that the chemistry of the Group 1 and Group 2 metals is 


essentially that of their ions. The chemistry of aluminium, however, is not 
he removal of three electrons (Al — Al 


dominated by the AI?* ion because t 
+ 3e) to form a noble-gas structure requires a great deal of energy. 


(a) Reaction with Air 
Aluminium is resistant to further oxidation and corrosion by the air once the 
protective oxide film has been formed. Removal of this oxide film renders the 
metal reactive. Salt water attacks the oxide film allowing the aluminium to 
become corroded; ordinary aluminium is therefore not used for marine 


purposes. 
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(b) Reaction with Acids 

Once again the oxide film minimizes chemical attack by acids on the metal. The 
protective film is strengthened by oxidizing acids such as sulphuric and, 
particularly, nitric acid: hence no reaction occurs with them. Moderately concen- 
trated hydrochloric acid will dissolve the metal, forming the chloride and 
liberating hydrogen: 


2Al, -6H* Clay > 2AP* Cla, -3H; 


(c) Reaction with Alkalis 

In marked contrast to the Group 1 and 2 metals, aluminium dissolves in 
sodium or potassium hydroxide solution forming the tetrahydroxo-aluminate 
ion (see Section 9.16a).. Once started the exothermic reaction is vigorous and 
hydrogen is liberated: 


2Al)+2Na* OHG 4-6H;04 > 2Na* Al(OH) (aq) +3H 24) 
sodium tetrahydroxo- 
aluminate 
(d) The Thermite Reaction 
When aluminium powder is mixed with iron(im) oxide in a fire-clay crucible, and 
the mixture ignited with a magnesium fuse (see Fig. 9.9), an extremely 
exothermic reaction takes place producing molten iron: 


2Al,)+ Fe3*035 > AI3* OS +2Feq, 


Potassium chlorate(v) 


to help initiate the reaction Magnesium ribbon 


Fireclay crucible 
Intimate mixture 

of aluminium powder 
and iron(m) oxide Safety screen — 


Sand 


Sand 


Fig.9.9 The thermite reaction 


This reaction can be used for on-the-spot welding. (Caution: the thermite 
reaction can be very dangerous owing to the production of molten iron and 
showers of sparks, Observers should maintain a safe distance behind a safety 
Screen.) 

In general any reaction between aluminium and the oxide of a less active metal 


may be called a thermite reaction; it will be similarly vigorous and higlily 
exothermic. 
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9.15 Uses of Aluminium 


Because of its metallic nature aluminium is a good conductor of heat and 
electricity. Its lightness in comparison to copper makes it a useful alternative for 
electric power lines. It is also used for making cooking utensils which are light, 
durable and corrosion-resistant. Aluminium is used extensively with other metals 
to form tough light-weight alloys. For example, duralumin (aluminium, copper 
and magnesium) and magnalium (aluminium and magnesium) are both widely 
used in aircraft manufacture. 

Aluminium foil is used in cooking, in packaging and for milk-bottle tops. 

The metal finds widespread use in the building industry for window frames, 


panels, etc. 


9.16 Compounds of Aluminium 


(a) Aluminium hydroxide, AI? * (OH); ib 
When sodium or potassium hydroxide is added to a solution of aluminium 
salt, a white gelatinous precipitate of aluminium hydroxide is formed: 


AL3*(SO2~)3aq+6Na* OH ea > 2AP + (OH) -3Na$ SO) 


Aluminium hydroxide is insoluble in water, but if an excess of sodium 
hydroxide is added the precipitate dissolves forming sodium tetrahydroxo- 
aluminate: 


AP*(OH 2, - Na* OH, > Na* AIOH) 


This reaction is unusual in that the aluminium hydroxide shows acidic prop- 
dium hydroxide. 


erties in its reaction with the caustic alkali so Neo 
On the other hand, aluminium hydroxide dissolves in hydrochloric acid 
showing its expected basic properties: 


AB*(OH ~)3,) +3H* Cla, > AL + Clu +3H200 


Hydroxides (or oxides) which show both acidic and basic properties are said to 


be amphoteric. 


(b) Aluminium oxide, Al2*O$ (alumina) 


Aluminium oxide can be prepared in the laboratory by heating the hydroxide: 


heat zi 
2AI* (OH Ja — 5 AB O38 + 320% 


When freshly prepared it reacts with dilute acids and caustic alkalis, showing its 
amphoteric nature. 

The finely divided powder is inert and is 
column chromatography. 


used as the absorbing medium in 
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Sodo-lime (to absorb 
excess chlorine) 


Flask with side orm 
/ 
/ 


Aluminium 


Dry 
chlorine ^ 


Aluminium chloride 


Fig. 9.10 Preparation of aluminium chloride 


(c) Aluminium chloride, AIP*Cl; or Al;Cls 
The chloride can be prepared as shown in Fig. 9.10 by passing dry chlorine over 
heated aluminium: 


2A.) --3Cl; > 2AP*Cli, > Al, Cle.) 


This reaction is strongly exothermic. 

Aluminium chloride sublimes and may be collected as its vapour cools. 
Physical measurements indicate that the pure anhydrous chloride exists as 
Al,Cl, double molecules which dissociate on heating to give AP*CI;: In 


aqueous solution the AI?* ion is highly hydrated and a solution of the chloride 
shows an acid reaction. 


(d) Aluminium sulphate-18-water, Al}*(SOZ-)3.18H2O, and the alums 
M^*AP*(SO2-),.12H,O 

Aluminium sulphate crystallizes from solution with eighteen molecules of 
water of crystallization. When a solution containing aluminium sulphate and 
potassium sulphate in equimolar quantities is allowed to stand, the double 
salt aluminium potassium sulphate-12-water, K*AP*(SO2-),.12H;0, 
known as potash alum, is obtained. Like all double salts, potash alum in 
solution gives reactions which indicate the presence of all the constituent ions: 
in this case the potassium ion K *, the aluminium ion AI?* and the sulphate 
ion SO? . 

It is possible to prepare a series of 'alums', each of which contains the 
unipositive ion K* or NHÈ combined with the tripositive ion AI?*, Fe?* or 
Cr?*. For example, chrome alum is chromium(ur) potassium sulphate-12- 
water, K *Cr?* (SO$ -)?.12H20; ammonium alum is aluminium ammonium 
sulphate-12-water, NH AI?* (SO2-).12H;0. 

The alums are isomorphous, i.e. they are identical in crystalline form. Thus 
it is possible for a crystal of purple chrome alum Suspended in a saturated 
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solution’ of potash alum to acquire à colourless overgrowth of the latter 
having an identical octahedral form. 


9.17 The Transition Metals 


The location of the transition metals within the periodic table is indicated in 


Fig. 9.11. 


GY WUU K OK, 
Y |Zr |Nb|Mo|Tc |Ru 
MMM ; 

A A QUALI 


Fig. 9.11 Position of the transition metals in the periodic table 


The first transition series of elements (from scandium Sc to copper Cu, inclusive) 
contains some of the most abundant as well as the most industrially important 
metals. These elements all have two electrons in their outermost shell and an 
incomplete penultimate shell of similar energy; hence they display several 
features in common. For example, they have 

(a) high melting points (a consequence of strong 

(b) pronounced malleability and ductility 

(c) coloured ions (in most cases) 

(d) the ability to catalyse certain reactions 

(e) variable oxidation states, e.g. iron(Ir) and iron(m), associated with variable 


positive charge on the ions, e.g Fe?* and Fe?* 
Iron and copper are typical of the transition metals and have been selected for 


special study because of their enormous practical importance. Table 9.5 lists the 
electronic configurations and physical properties of these two metals. 


metallic bonding) 


Table 9.5 Physical properties of iron and copper 


Atomic Electronic Density Melting Boiling 
number configuration (kg m^?) point (K) point (K) 
I Fi 26 2.8.14.2 7870 1808 3300 
ron(Fe) 1356 2868 


Copper(Cu) 29 2.8.17.2 8930 
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9.18 Iron 


Iron is the fourth most abundant element in the earth’s crust and the second most 
abundant metal. Minerals containing iron which can be profitably extracted are 
called iron ores. These include haematite (Fe;O;) and magnetite ( Fe,0,4). Because 
of its abundance and relative ease of extraction, iron (including its alloys) is the 
most widely used of all the metals. 

The extraction of iron is carried out in a blast furnace (see Unit 14) and during 
this ‘smelting’ process the molten iron absorbs carbon, silicon, sulphur, man- 
ganese and phosphorus. The percentage of these elements will vary slightly and 
determine the quality of the iron. Although some of the molten iron from the 
blast furnace may be run into moulds of sand to make pig iron, most of it is used 
directly to make steel. 


9.19 Properties of Iron 


Pure iron is a silvery white metal which melts at 1808 K. It is usually coated witha 
layer of the oxide Fe;O, which dulls the surface lustre. 


(a) Rusting 
Iron does not readily corrode when exposed to the action of either dry air or pure, 
air-free water. In the presence of both air and water, however, corrosion occurs 
resulting in the formation of rust. This rust is essentially a hydrated form of 
iron(m) oxide, Fe3*02- . xH,0. 

To show that the formation of rust requires both air and water, some dry iron 
nails are placed in three test tubes as illustrated in Fig. 9.12. 


Anhydrous 
calcium 
chloride 


Boiled 
Iron nails water 


—Tap water 
(not rusted) ; 


Iron nails 


Iron nails (very rusted) 


(not rusted) 


Rust 
(a) (b) (c) 


Fig. 9.12 Experiment to show that both air and water are necessary for 
rusting 


ae is no water in tube (a) and no dissolved air in tube (b). Rusting occurs 
after a few days only in tube (c) where the iron is attacked by both dissolved air 
and water. No rusting takes place in tubes (a) or (b). 


Ns. Tusting of iron is an electrochemical process. Impurities and scratches on 
€ iron surface collect water containing dissolved air. A tiny electrical cell is set 
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up, and the iron dissolves as part of an oxidation-reduction reaction within the 
cell. This solution of iron is eventually converted by the oxygen in the air into 
hydrated iron(1!) oxide, which we call rust. Rusting is accelerated by the 
presence of an electrolyte (e.g. sodium chloride from sea water or from roads 
that have been ‘salted’ to prevent icing) which increases the conductivity of the 
solution in the tiny cell. 

Prevention of rusting. A considerable amount of time and money is spent on 
protecting iron from corrosion, particularly in the motor-car industry, the 
building and engineering trades, indeed wherever iron is exposed to the 
atmosphere. The common methods of protection include: 

(i) Painting. A coating of paint protects iron by excluding air and moisture. 

(ii) Galvanizing. In this process the iron is dipped into molten zinc, thus 
covering the surface of the iron with a thin layer of zinc which does not readily 
corrode. 

(iii) Plating. Iron is covered with a thin layer of a metal which is resistant to 
corrosion. Metals such as chromium and nickel are deposited on the iron by an 
electrolytic process. Tin-plate, from which tin cans are made, is produced by 
dipping sheets of iron or steel in molten tin. 

(iv) Phosphatizing. A thin, tenacious layer of impervious iron(i) phosphate 
can be produced on the surface of iron by reaction with a suitable phosphate 


solution. 


(b) Reaction with Steam 
Iron at red heat decomposes steam, producing hydrogen and the ‘compound 
oxide’ iron(11) di-iron(im) oxide. This reaction is reversible: 


3Fe(4--4H20( zFeQ04444Hag 


(c) Reaction with Acids PN 
Iron dissolves in most dilute acids and in concentrated hydrochloric acid, liberat- 


ing hydrogen and producing iron(ir) salts. For example: 
Fe) +2H TO Fe?* Clijaq) + Hae 
Fe d H SOÀ Go 2 Fe SOá Ga T Hoi 


With dilute nitric acid a complex reaction takes place due to the strong 
oxidizing nature of the acid. Concentrated nitric acid renders iron passive by 
forming an impervious surface film of iron(i) di-iron(11) oxide, Fe3O4. 


9.20 Compounds of Iron 
Having two oxidation states, iron(ii) Fe?* and iron(i) Fe?" , iron is capable of 


forming two types of compound. Whether an atom loses two electrons to become 
an Fe?* ion, or loses three electrons to become an Fe?* ion depends on the 


nature of the reacting substance. 
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The two oxidation states of iron are related as follows: 


oxidation 


iron(n) iron(i) 


reduction 
In an oxidation reaction, iron(11) loses an electron: 


oxidation 
pn Fe?* +e 


In a reduction reaction, iron(m) gains an electron: 


reduction 
Fata — S5 Fe?* 


(a) Oxides 
Iron(u) oxide, Fe?* O? -, is stable only at high temperatures. 

Tron(m) oxide, Fe* O$ -, is prepared as a red powder when green iron(i) 
sulphate crystals are heated: 


2Fe?* $03 - .7H;O,, — Fej* O35 -S04(,--SO;(, -14H;0,, 


This oxide is used for polishing metals and glass (‘jeweller’s rouge") and as a red 
pigment. 

As well as the oxides corresponding to iron(i1) and iron(rm), there is a third 
oxide, iron(w) di-iron(ur) oxide, whose formula can be written as either 
Fe? * O? - . Fe}*O3- or Fe,O,. This is in fact the most readily prepared of the 
A oxides, and is formed when steam is passed over heated iron or when iron 

urns in air: 


BF ey +2024)  Fe3O,,, 


(b) Hydroxides 
Iron(n) hydroxide, Fe** (OH -),, is obtained as a pale-green precipitate when 


sodium hydroxide solution or aqueous ammonia is added to a solution of an 
iron(r) salt. For example: 


Fe?* SO1,,--2Na* OH, > Fe?* (OH -),,, -- Na SO2.. 
The hydroxide dissolves in acids forming a solution of a salt. For example: 
Fe?*(OH Yai) + HE SOi;,) => Fe?* SO$;,, +2H20,, 


This solution shows the characteristic green colour of the hydrated Fej, ion. 

Iron(m) hydroxide, Fe *(OH ^),, is obtained as a ‘foxy’ red-brown precipitate 
when sodium hydroxide or aqueous ammonia is added to a solution of an 
iron(imn) salt. For example: 


Fe} * (SOF )yug t 6Na* OH, => 2Fe** (OH ),,-- 3Na? SOi 
The precipitate dissolves readily in acids forming a solution showing the 


characteristic yellow-brown colour of the hydrated Fe? ion. 
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(c) Chlorides 
Iron(u) chloride, Fe?* C13, is formed as a white solid when hydrogen chloride 
gas is passed over heated iron: 


Fe,,--2HCl, > Fe?* Cli) - Hai 
The apparatus used for this preparation is shown in Fig. 9.10. 
When iron is added to dilute or concentrated hydrochloric acid, a solution of 
iron(i1) chloride is produced: 
Fe +2H* Clg, > Fe?* Cling Hai 


Iron(it) chloride-6-water can be crystallized from this solution, but it is difficult 


to obtain the anhydrous salt. 
Iron() chloride, Fe? * C15, is formed as a red-black solid when chlorine is 


passed over heated iron: 
2Fe,,-3Clo ^ 2Fe? * Clo 

Once the reaction has begun the heat produced is sufficient to sustain the 
reaction without further external heating. The chloride sublimes and can be 
collected in a cooled receiver like that shown in Fig. 9.10. 

When iron(m) oxide dissolves in hot concentrated hydrochloric acid a deep 
yellow-brown solution containing iron(im) chloride is produced : 

Fe? t 03,5 +6H* Clay > 2Fe?* Cl, -3H;09 


It is again difficult to obtain the anhydrous salt from this solution. 


(d) Sulphates wn: 
Iron(w) sulphate, Fe?*SO1^, is produced when dilute sulphuric acid acts on 


iron: 
Fey) + Hi SOd C, et e! * SOL, Hay 

Hydrogen is evolved and the solution obtained has the pale-green colour charac- 
teristic of the hydrated Fe?* ion. Crystallization from this solution yields the 
heptahydrate Fe? * SOj ~.7H,0. P 

Iron(u). sulphate, Fe}*(SO%~)s, can be prepared by the oxidation of 
iron(11) sulphate in sulphuric acid using a suitable oxidizing agent, For ex- 
ample, using hydrogen peroxide: 


2Fe?* S01, HF $0354 t H2O 200) 7* Fe} * (S02 )saqyt 220 


9.21 Oxidation and Reduction of Iron Salts 


The conversion of iron(i1) to iron(m) is an oxidation process. Thus oxidation of 
any iron(1) salt with an appropriate oxidizing agent produces an iron(m) salt. 
Suitable oxidizing agents are hydrogen peroxide, concentrated nitric acid, 
chlorine and even concentrated sulphuric acid. For example, with chlorine: 


2Fe?* Cling t Clup > 2Fe* Cl; ua 
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The conversion of iron(i) to iron(11) is a reduction process. Suitable reducing 
agents include hydrogen sulphide and metals as they ionize, e.g. zinc powder 
and dilute sulphuric acid. 

When hydrogen sulphide is passed into iron(m) chloride solution a precipitate 
of sulphur is observed: 


2Fe?* Clua) + HS, > 2Fe?* Clu +2H* Clo +S, 


On filtering this pale-yellow precipitate, the characteristic green solution of 
iron(11) chloride remains. 

Metals towards the top of the electrochemical series (see 5.9) can dissolve in 
acid or aqueous solution to yield electrons which reduce iron(i) to iron(1). 
For example, if zinc powder is added to an acidified solution of iron(ur) 
sulphate, iron(m) sulphate is obtained. 


Zn, > Zn% +2e7 
2Fe}*, +2e7 > Adee 
Adding: Zn 2Fei, > Zoga *2Fe25 


9.22 Tests for Iron(i) and Iron(ir) Ions 


(a). When sodium hydroxide or aqueous ammonia is added to a solution of 
an iron salt, a green gelatinous precipitate indicates iron(11), whereas a ‘foxy’ 
red-brown gelatinous precipitate indicates iron(i) (see Section 9.206). 

(b) The addition of potassium thiocyanate to a solution of an iron salt 
produces a blood-red coloration if iron(m) ions are present; iron(1) ions do not 
react. The test is extremely sensitive and trace amounts of iron(II) ions can often 
be detected in solutions containing mainly iron(i) ions. 

(c) When potassium hexacyanoferrate(11), K $ Fe(CN)$~, is added to a solution 
of an iron salt, a deep-blue precipitate (‘Prussian blue") indicates the presence of 


an iron(m) salt. With iron(11) ions a white precipitate forms which rapidly turns 
blue. 


9.23 Copper 


Although copper does not occur ab 
the metals is only exceeded by iron a 
obtained from the sulphide ore 

sulphide ore is heated in a reverbe, 


undantly in nature, its consumption among 
nd aluminium. Most of the world's copper is 
chalcopyrite (copper pyrites) CuFeS,. The 
ratory furnace to produce ‘blister copper’, a 
crude form of the metal. A teverberatory furnace (Latin reverberare = to beat 
back) is one in which the flame is reflected down on to the hearth from the vaulted 
RUM of the heating chamber; thus the ore does not come into contact with the 
uel. 
The impure copper is refined by making it the anode of an electrolytic cell 


which has thin strips of pure Copper as the cathode and copper(n) sulphate as 
the electrolyte (see Fig. 9.13). 
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Copper(m) sulphate solution 
(electrolyte) 


Impure copper anode dissolves 


Copper deposited on thin 
copper cathode 


‘Anode slime containing silver and gold 


Fig. 9.13 Electrolytic refining of copper 


During electrolysis the anode dissolves and pure copper is deposited on the 
cathode (see Section 5.10 for details). The impurities (including valuable amounts 
of silver and gold) from the crude copper collect as a sludge below the anode. 


9.24 Properties of Copper 


Pure copper is the only red metal. On exposure to the atmosphere it becomes 
coated with a protective patina of green basic copper(it) carbonate. The metal is 
not attacked by water (or steam). Copper will not dissolve in acids to liberate 
hydrogen, but it will dissolve in oxidizing acids, such as nitric and sulphuric, 


as indicated in the following reactions. 
(a) With 50% nitric acid, nitrogen monoxide is produced as the copper 
dissolves to form a blue solution containing the hydrated copper(II) ion: 
3Cu,, -8H* NO ^ 3Cu?* (NO5)2ag + 2NO--4H;0q 
(b) With concentrated nitric acid, brown nitrogen dioxide is formed: 
Cu, +4HNO3 ^ Cu?* (NOS) aq) 4 2NO (1 2H200 


(c) With hot concentrated sulphuric acid, colourless sulphur dioxide gas is 


liberated: 
Cu, 4-2H;S044) ^ Cu?* SO% a - SO + 2H50q 


9.25 Uses of Copper 
Because of its excellent electrical conductivity, copper finds widespread use in 
electrical engineering, from large-scale generators to minute electronic equip- 


ment. 
Pure copper is relatively soft, but 
other metals. The chief alloys are b 


its strength can be improved by alloying with 
rass (copper with up to 40% zinc) and bronze 
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(copper with up to 10% tin). Bronzes with small quantities of phosphorus are 
called phosphor bronze and are particularly valuable as springs for delicate 
instruments. 

Copper is used as a roofing material, in water piping, in radiators, in under- 
floor heating and in many other applications throughout the building industry, 
Copper and its alloys find a use in almost every walk of life. 


9.26 Compounds of Copper 


Copper has two oxidation states: copper(1) Cut and copper(i) Cu?* . However, 
the hydrated copper(1) ion is unstable and decomposes in solution into copper 
and the copper(r) ion. For this reason the only copper(I) compound we need to 
consider is copper(1) oxide. 

(a) Oxides 

Copper(1) oxide, Cui O?-, is obtained as an orange-red precipitate in the 
reduction of an alkaline solution of copper(II) sulphate. This reaction is used 
as a test for a reducing agent such as glucose (CcH 1205). 

When this oxide is warmed with dilute sulphuric acid, a blue solution of 
copper(m) sulphate is produced together with a dark-red precipitate of 
copper: 

Cu} Of +H} SO, > Cu?* $035) - Cu H20% 

Copper(tt) oxide, Cu** O?-, is obtained as a black solid when the nitrate 

carbonate or hydroxide of copper(i) is heated: 


2Cu?*(NO5 Jai > 2Cu?*O2;-+ ANO, + On, 
Cv** cos; > Cu?* 0% CO; 
Cu** (OH 24, + Cu?* O25 +H, Ow 


When copper itself is heated in air its surface becomes blackened with a coating 
of copper(i) oxide: 


2Cu, 1-04, > 2Cu?*02- 
Copper(n) oxide is a basic oxide, insoluble in water but dissolving in dilute 
acids to form copper(i) salts, Hydrogen will reduce the heated oxide to copper: 
Cut OS H5 > Cu, - H;0 


(b) Copper(i) hydroxide, Cu?*(OH-), 
A blue-green gelatinous precipitate of copper(i1) hydroxide is obtained when a 


solution of a caustic alkali (e.g. sodium hydroxide) is added to a solution of a 
copper(I!) salt such as copper(tr) sulphate: 


Cu?*S02;,)+ 2Na*OH,,) > Cu?*+(OH Ja +Naž SOZ 


If aqueous ammonia is added to a solution of a copper(11) salt, the initial 
result is the precipitation of copper(i) hydroxide: 


Cu? *SO) T2NH3qq4- 2H,0,) > Cu?*(OH -J20 (NH2),S02 
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Further addition of aqueous ammonia causes the blue-green precipitate of 
copper(11) hydroxide to dissolve, forming a deep royal-blue solution containing 
the tetra-ammine-copper(n) ion: 


Cu? *(OH 2o TANH3qg Fad Cu(NH3)i* (OH ) (aa) 


At one time this solution was used to dissolve cellulose in the production of 
‘artificial silk’. 


(c) Copper(11) sulphate-5-water, Cu?*SOj .5H;O 

The preparation of copper(it) sulphate crystals is described in Section 8.13. 
This blue crystalline salt containing five molecules of water of crystallization is 
probably the most familiar of the copper(1r) salts and has many uses. It is used in 
electroplating, in dyeing and printing textiles, as a wood preservative and as a 
fungicide in Bordeaux mixture. 


(d) Copper(i!) nitrate-3-water, Cu? *(NO3)2.3H20 
This salt is prepared in solution by the action of moderately concentrated nitric 


acid on copper: 
3Cu -8H* NO seq) E 3Cu?* (NO5) (eq) -2NO (s -4H209 
It is very deliquescent, and isolation of the anhydrous salt is difficult. 
On strong heating, copper(ir) nitrate decomposes forming black copper(i) 
oxide, brown nitrogen dioxide and oxygen: 


2C? * (N03)2 > 2Cu? +O +4NO2(_)+ O21 


(e) Copper(11) carbonate 
A basic copper(m) carbonate occurs naturally in the mineral malachite, 


Cu?*COÀ- .Cu? * (OH ). On heating, it forms copper(tt) oxide and liberates 
carbon dioxide: 


Cu^* CO2-. Cu? + (OH 2) > 2Cu2* 02; + CO +H2% 


9.27 Zinc 
Zinc is the first non-transition metal to occur after copper (copper is the last 
metal in the first transition series). Its major physical characteristics are listed in 


Table 9.6. 


Table 9.6 Physical properties of zinc 


Density Melting Boiling 


Atomic Electronic i 
number configuration (kg m^?) point (K) point (K) 
Zinc (Zn) 30 2.8.18.2 7140 693 1180 
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Zinc occurs naturally as zinc blende, Zn?*S?~, and to a lesser extent as 
calamine, Zn?* CO? -. These ores are first roasted in air to produce the oxide: 


2Zn^* S; +3024) > 2Zn?* OG; +2802) 
Zn?* COS, ^ Zn? +O; - CO, 
Then the oxide is reduced to the metal by heating with powdered coke: 
Zn! * OS +C > Zing + CO. 


Zinc vapour is condensed and the liquid run into moulds. 


(a) Properties 

Pure zinc is a silvery white metal; on exposure to the air it becomes coated with a 
thin protective layer of the oxide and the basic carbonate. The metal does not 
react with water, but heated zinc will displace hydrogen from steam: 


Zn - H;0, > Zn?* OG; - Hai 


Most mineral acids react with the metal to liberate hydrogen, although the 
reaction is much slower than might be expected. Impure zinc dissolves quickly 
in both dilute hydrochloric and sulphuric acids. For example: 


Zn +2H* Cla, > Zn?* Cla + Hai) 


Reaction with nitric acid is complicated because of the strong oxidizing 
nature of this acid. Depending on the conditions, nitrogen dioxide, nitrogen 


monoxide and dinitrogen oxide (nitrous oxide) are formed together with zinc 
nitrate. 


| Zinc dissolves in caustic alkali solutions forming the tetrahydroxozincate 
ion and liberating hydrogen. For example, with sodium hydroxide: 

Zn) +2Na* OH, 4-2H;09 > Naz Z(OH)4 , +H) 
(b) Uses 


Large quantities of the metal are used in galvanizing iron to protect it from 
corrosion. 


Zine is also important in alloys such as brass (zinc and copper), and as the 
negative electrode in dry batteries, 


9.28 Compounds of Zinc 


In contrast to the transition metals 
thus forms only one series of com; 
few anomalous properties. 


» zinc has only one oxidation state (Zn?*) and 
pounds. The common zinc compounds show 


(a) Zinc oxide, Zn?* Q?- 
Zinc oxide can be prepared in t| 


à e he usual way by the action of heat on the 
hydroxide, carbonate or nitrate, 


For example: 


2Zn** (NO3)a > 2Zn?* O67 HANO H Ozi) 
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The oxide is a white solid which changes to pale yellow on being heated and 
back to white again on cooling. 
It is an amphoteric oxide, dissolving in both acid and alkali: 
Zn? * Od; -2H* Cl, > Zn?* Cl;,, H200 


Zn?* Od; -2Na* OH t H200 > Nat Zn(OH)iiaq) 


Zinc oxide is used in antiseptic ointments and as a white pigment in paints. 


(b) Zinc hydroxide, Zn? ' (OH ), 
The hydroxide is formed as a white gelatinous precipitate when an alkali is 
added to a solution of a zinc salt. For example: 
2Na* OHG -Zn?* SO2 Gq) > Zn?* (OH J29 + Na} SOZG@q) 
If the sodium hydroxide is added in excess, the precipitate dissolves: 
Zn?* (OH ~)2)+2Na* OH > Nat Zn(OH)A a 

Zinc hydroxide is also soluble in aqueous ammonia owing to the formation 

of the soluble colourless tetra-ammine-zinc ion, Zn(NH3Á *. 


(c) Zinc sulphate-7-water, Zn?*SOà$ .7H;O 

The sulphate is a white crystalline solid formed by dissolving the hydroxide, 
oxide, carbonate or metal in dilute sulphuric acid and evaporating the re- 
sulting solution to crystallization point. 


(d) Zinc nitrate-6-water, Zn? * (NO3),.6H;0 
This very deliquescent hydrated salt is decomposed on heating into zinc oxide, 
nitrogen dioxide and oxygen (see zinc oxide above). 


9.29 Lead 


Lead has been known for at least 5000 years and by Roman times was in common 
use for making water pipes etc. The chief source of lead is the sulphide ore galena 
Pb?*S?-, which is often found with zinc blende Tit Sta. 

Galena is first roasted in air to form the oxide: 

2Pb?* SC; +3029) > 2Pb?* Oy +280 2(e) 
The oxide is then reduced with coke in a small blast furnace, molten lead being 
‘tapped’ from the base of the furnace: 
Pb?* O02, +C > Poy t+ CO%w 
The major physical characteristics of lead are listed in Table 9.7. 


Table 9.7 Physical properties of lead 


Atomic Electronic Density Melting Boiling 
number configuration (kgm-?) point (K) point (K) 


Lead (Pb) 82 2.8.18.32.18.4 11340 600 2017 
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(a) Properties 

Pure lead is a soft silvery grey metal which becomes coated with a whitish pro- 
tective film of basic carbonate on exposure to damp air. It slowly dissolves in 
‘soft’ water, but in ‘hard’ water a protective coating of the sulphate or car-& 
bonate is formed on the inside of lead pipes preventing dissolution. 

Lead is low in the electrochemical series and does not readily dissolve in dilute 
sulphuric or hydrochloric acids: reaction is inhibited by the insoluble lead(11) 
chloride and lead(i1) sulphate which forms on the surface of the metal. 

However, lead does dissolve in nitric acid, dilute or concentrated, forming 
the nitrate. With dilute acid the reaction is 


3Pb,, +8H* NO; > 3Pb?* (NO3) (aq) +2NO(g) 4-4H50y 
With concentrated acid the reaction is 


Pb, +4HNO3,) > Pb?* (N05); -2NO 5 + 2H,0,) 


(b) Uses 
The compound tetraethyl-lead(1v), Pb(C,H;),, is widely used as an ‘anti-knock’ 
additive in petrol to inhibit pre-ignition. 

Large quantities of lead are used in making the plates of lead accumulators 
(car batteries). 

Lead is an efficient absorber of X-rays, gamma rays and other harmful radiation 


and is therefore used for screening purposes wherever radioactive materials are 
handled. 


9.30 Compounds of Lead 


In most of its common compounds lead shows a Pb?* oxidation state, but with 
four electrons in its outer shell the possibility of a Pb** oxidation state exists. 


This latter state is not common and the only example of it that we need to consider 
is the oxide Pb** 03 -. 


(a) Oxides 
Lead(w) oxide, Pb?* O?—, is yellow in colour. It can be prepared by heating the 


carbonate or nitrate: 


2Pb^*(NO3)4, > 2Pb?* 02, +-4NO zp) Oa 
To some extent this is an amphoteric oxide, but its basic properties are more 
pronounced than its acidic properties. 

Lead(w) oxide, Pb**0j 7, is a dark-brown solid which can be prepared by the 
action of dilute nitric acid on ‘red lead’ (see below). It decomposes on heating 
to lead(it) oxide and oxygen: 

2Pb**O25 5 2Pb?* 0% +O) 


As well as the oxides corresponding to lead(i) and lead(rv), there is a third 
common oxide, dilead(n) lead(1v) oxide, whose formula can be written as either 
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Pb^*O2- .2Pb?*O?- or Pb,O;. This compound is often referred to as ‘red 
lead’ because of its bright scarlet colour. It can be obtained by maintaining 
yellow lead(11) oxide at a temperature of 400-450 °C in air. At higher temperatures 


the ‘red lead’ decomposes into lead(11) oxide again: 
400-450 °C 


2Pb4O 
Se rates 


6Pb2*0? —-O; 


Dilead(11) lead(1v) oxide behaves as a mixture of lead(1) and lead(1v) oxides. 
When it is warmed with dilute nitric acid the red colour quickly disappears and 
insoluble dark-brown /ead(1V) oxide remains: 


Pb^* O2 ~. 2Pb?* OG +4H* NOSiaq) > Pb^* O2 --2Pb^* (NO3)aaq) + 2H20q) 
All of the lead oxides can be readily reduced to the metal when heated in 


hydrogen, carbon monoxide or with carbon. Essentially the reaction is the 
reduction of lead(11) oxide. 


Pb?* Od; + Ha) — Phot H2%w 
Pb?* Og; -- CO, > Pb tCOrw 
Pb? tO t C, > PB t+ CO, 


One of the characteristic tests for lead is to heat a little of the suspected lead 
compound in a depression on a charcoal block using a blowpipe. If lead is present 
it will be reduced by the charcoal (carbon) and a silvery globule of the metal will 
result. 


(b) Salts 
Most lead(1) compounds, including the sulphate, halides, carbonate and 
sulphide, are insoluble in cold water and can be prepared by double-de- 
composition reactions involving precipitation. In order to prepare these 
compounds it is necessary to obtain a soluble lead(11) salt such as the nitrate 
and add a solution containing the appropriate anion. 

Lead(i) nitrate, Pb? * (NO3 )2, is obtained by dissolving the metal, carbonate 
or lead(it) oxide in warm dilute nitric acid. For example: 

Pb?* 02, +2H*NOs > Pb?*+(NO5)2¢aq) + H0 

m solution and has no water of crystallization. 


The nitrate crystallizes fro: : 
Lead(u) hydroxide, Pb?* (OH  ),, is obtained as a white precipitate when 


sodium hydroxide solution is added to lead(i1) nitrate solution: 
Pb?* (NO3) 2¢aqyt 2Na* OH gq) ^ Pb?*(OH 7: + 2Na* NOs) 


This precipitate will dissolve in excess sodium hydroxide. y E 
Lead(i) chloride, Pb? * Cl; , can be prepared by adding a solution containing 


CI- ions to lead(r) nitrate solution. For example: 


Pb?* (N05);a4 - 2Na* Clea) > Pb?* Cli) -2Na* NOsqa 
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The white precipitate of lead(m) chloride is soluble in hot water. 
Lead(u) iodide, Pb?*1;, is obtained as a bright yellow precipitate when 
potassium iodide is added to a solution of a lead(11) salt. For example: 


Pb?*(NO;); 4, -2K * Iz, > Pb?* Iz; --2K * NOg 


If the precipitate is redissolved by heating, bright yellow ‘spangles’ appear as the 
solution cools. This reaction can test for the presence of Pb?* ions in solution. 

Lead(u) sulphate, Pb? *SO%~, is obtained as a white precipitate when any 
solution containing the sulphate ion SO$( is added to lead(1) nitrate solu- 
tion. For example, using dilute sulphuric acid: 


Pb?*(NO5)a4aq + Hi SO$,,, + Pb? * SO; --2H* NO; 


9.31 Principles Underlying the Extraction of Metals 


The position of a metal in the electrochemical series (see Table 9.8) is a useful 
indication of its reactivity. Oxidation potential (the reverse of reduction po- 
tential) measures the tendency of the metal to lose electrons and go into solu- 
tion as positive hydrated ions. Thus potassium near the top of the series is 
much more likely to lose an electron 


Kg) => Kyte 
than is silver which lies near the bottom of the series: 
Ago > Agia te 


‘ The extraction of metals from their ores is essentially the reverse of this process, 

i.e. it is a reduction process, and thus we can predict that silver and metals low in 

the electrochemical series are obtainable from their ores much more easily than 

potassium and metals high in the series. A metal’s position in the electrochemical 

series therefore has a strong bearing on the choice of method for its extraction. 
Extraction processes can be classified into three main types: 


(a) Heating the ore (for metals low in the electrochemical series) 

Metals low in the electrochemical series include silver, mercury and gold. The 
tendency for these metals to become ions is so small that they sometimes occur 
‘native’ as the free metal or can be extracted simply by heating the ore in air. 
For example, mercury is obtained by heating the sulphide ore cinnabar: 


Hg? t SS; EO, > Hga + SO; 


(b) Reduction of the oxide 
(i) With carbon or carbon monoxide (for copper, lead, iron and zinc) 
Ores of metals higher than silver in the series do not decompose directly to the free 


metal simply on heating. If the ore is an oxide it must be reduced by heating witha 
teducing agent such as carbon or carbon monoxide: 


Fe?* 03 +300, > 2Feq+3COn,y 
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Ores other than oxides, particularly sulphides, have to be roasted in air to 
produce the oxide which can then be reduced. Thus: 


2Zn!* Sij 4-304, ^ 2Zn^* 02) 2S0 


then Zn? +O +C > Zag + CO 


Gi) With a metal higher in the electrochemical series 
The thermite reaction (described in Section 9.14) is useful for the extraction of 
small quantities of carbon-free metals such as chromium, manganese and 
titanium. This method is expensive and would thus be used only for obtaining in 
a very pure state special-purpose metals whose oxides are not readily reduced by 
carbon. For example: 
2A1,,4- Cr?* O30 > 2Cr + Al3* 03,5; 


(c) Electrolysis of the fused ore (for metals high in the electrochemical series) 
Electrolytic processes, in which electrical energy is used to convert metal ions into 
atoms, are some of the chemist’s most powerful devices for winning reactive 
metals from their ores. They form the basis for the industrial manufacture of 
sodium and aluminium (see Unit 14), potassium, magnesium and calcium. 

In addition, electrolytic processes can be used in the purification of many 
metals, e.g. copper (see Sections 5.10 and 9.23). In this process the impure metal 
acts as anode and a small amount of pure metal is used as the cathode. The metal 
is transferred from the anode to the cathode during electrolysis. 

The relationship of the above methods of metal extraction to the electro- 


chemical series is summarized in Table 9.8. 


Table 9.8 Extraction of metals 


Electrochemical series ; 
s Method of extraction 

(based on reduction potentials) f 

Potassium, K Electrolysis of fused ore 

Calcium, Ca 

Sodium, Na 


Magnesium, Mg 
Aluminium, Al 


Conversion of ore to oxide 


Manganese, Mn t i 
followed by reduction with 


Decreasing ease of metal extraction > 


Zinc, Zn à 
Chromium, Cr carbon, carbon monoxide 
Iron, Fe or aluminium 

Tin, Sn 

Lead, Pb 

Copper, Cu 

Silver, Ag f 

Mercury, Hg Heating the ore 


Gold, Au p 
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Summary of Unit 9 


1. 


e 


oo 


10. 


e 
— 


Metals have a lattice structure composed of positive ions surrounded by a sea 
of mobile electrons. This structure accounts for their high electrical and 
thermal conductivity, metallic lustre, malleability and ductility. 


. Metals readily lose electrons to form cations. They also form basic oxides. 
. The alkali metals each have a single electron in their outermost energy level. 


Their chemistry is the chemistry of their ions (M *). Reactivity increases with 
increasing atomic number, as illustrated by their reactions with water and air. 


. Alkali metals impart a characteristic colour to a bunsen flame. 
. Important compounds of the alkali metals include sodium chloride, sodium 


hydroxide, potassium hydroxide, sodium carbonate and sodium hydrogen- 
carbonate. 


. The alkaline-earth metals can all easily attain a noble-gas structure by 


losing their two outer electrons to give stable ions (M? *). Important com- 
pounds include calcium carbonate, calcium hydroxide, calcium sulphate. 


- Aluminium is the most abundant metal in the earth’s crust: it occurs in clays, 


bauxite, etc. Its reactivity is reduced by an inert protective oxide layer which 
makes the metal resistant to attack. 


- The oxide and hydroxide of aluminium are amphoteric. 
- The first transition series of elements includes iron and copper. Metals in this 


series have two electrons in their outermost shell and an incomplete pen- 
ultimate shell of similar energy. 

Iron rusts in moist air. This oxidation process is prevented by coating the 
metal with a protective film. 


. Iron forms two series of compounds; it shows an oxidation state of either 


+2 (iron(i)) or +3 (iron( n)) 


oxidation 
iron) ^ ^ 7 iron(m) 
reduction 


- Compounds of iron Containing the hydrated iron(11) ion are green, whereas 


those containing the hydrated iron(m) ion are brownish. 


. Reaction with sodium hydroxide or potassium thiocyanate or potassium 


hexacyanoferrate(1t) can be used to distinguish between solutions con- 
taining iron(u) and iron(m) ions. 


. Copper is purified electrolytically, 
. Copper is not attacked by water and will not liberate hydrogen from dilute 


acids. 


- The two oxidation states of Copper are copper(i) and the more common 


copper(I). 


- Hydrated copper(1) ions are blue. 
- Zinc is extracted from its sulphide ore zinc blende by roasting to the oxide 


followed by reduction with carbon. 


Zine resembles the alkaline-earth metals, and its only oxidation state is 


zinc(n). 
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20. Zinc oxide and zinc hydroxide are amphoteric, dissolving in both acid 
and alkali. 
21. Lead is extracted by roasting to convert its ores to the oxide which is then 
reduced to the metal with carbon (coke). 
22. Being /ow in the electrochemical series, lead is less reactive than zinc or iron. 
23. Lead can exist in two oxidation states: lead(11) and the less common lead(1v). 
24. The three common oxides of lead are lead(11) oxide (yellow), lead(rv) oxide 
(dark brown) and dilead(1) lead(1v) oxide (red). 
25. Most lead salts are insoluble and can be prepared by appropriate double- 
decomposition reactions involving precipitation. 
26. Metals are extracted from their ores according to their position in the 
electrochemical series. 
(a) Reactive metals high in the series require a high-energy process such as 
electrolysis. 
(b) Unreactive metals low in the series are either found naturally or are 
recovered simply by heating the ore. 
(c) Other metals are usually extracted by heating the ore to convert it to 
the oxide and then reducing this with carbon, carbon monoxide or 
aluminium. 


Test Yourself on Unit 9 


1. From the following list of metals: sodium, calcium, aluminium, iron, mag- 
nesium and copper, which one has 
(a) no reaction with dilute hydrochloric acid? 
(b) ions with oxidation states of +3 and +2? 
(c) a violent reaction with water? 
(d) a brick-red coloration in a bunsen flame? 
(e) a brilliant white flame as it burns? 
(f) a reaction with sodium hydroxide solution liberating hydrogen? 
(g) a red-black solid chloride which readily sublimes? 
(h) a deliquescent hydroxide? , 
(i) a black oxide which dissolves readily in dilute acids io give a blue solution? 
Q) the greatest possibility of being found native? 


2. Identify the following metals from the information given: — 
(a) Metal A can be cut with a knife. When a small piece of A is dropped on to 
water it melts into a silvery ball, burns with a lilac flame and rushes around the 
surface of the water, gradually disappearing. 
(b) Metal B has a yellow oxidé, a dark-brown o 
(c) Metal C is the only red metal. It dissolves 
a blue solution. 
(d) Metal D has an amphoteric oxide wh 
when cold. 
(€) Metal E is the alkali metal which is the 


xide and a red oxide. 
readily in nitric acid to form 


ich is pale yellow when hot and white 


least reactive with water. 
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3. The electronic configurations of four metals W, X, Y and Z are 
W: 2.8.8.1 
X: 2.8.14.2 
Y: 2.8.8.2 
Z:62:8:1 
Which metal(s) would you expect to 
(a) be a transition metal? 
(b) form a unipositive ion? 
(c) show more than one oxidation state in its compounds? 
(d) be in the same group in the periodic table? 
(e) form a colourless dipositive ion? 


4. Compound A isa green crystalline salt of iron which gives the following results 
when tested : 
(a) Addition of barium chloride solution to a solution of A results in the 
formation of a white precipitate B, which is insoluble in dilute hydrochloric 
acid. 
(b) On heating A, water vapour and two oxides of sulphur (C and D) are 
liberated, leaving a red-brown residue E. 
(c) E dissolves in warm concentrated hydrochloric acid to give a yellow 
solution F. 
(d) With hydrogen sulphide, the solution F yields a yellowish-white precipitate 
G, which when filtered leaves a green filtrate H. 
Identify the substances A to H. Name and give the colour of the precipitates 
formed when excess aqueous ammonia is added to (i) a solution of A, and (ii) a 
solution of A treated with concentrated nitric acid. 


5. Are the following statements true or false? 
(a) Elements high in the electrochemical series (e.g. potassium) are extracted 
from their ores by an electrolytic process. 
(b) Being lower in the electrochemical series, lead is less reactive than 
magnesium. 
(c) Copper liberates hydrogen from dilute hydrochloric acid. 
(d) Metals readily gain electrons to form cations. 
(e) All ammonium salts liberate ammonia gas on warming with a dilute acid. 
(f) Both sodium carbonate and calcium carbonate give carbon dioxide 
with a dilute acid and are decomposed to the oxide on heating. 
(g) Aluminium metal reduces iron(m) oxide to iron in the thermite reaction. 
(h) An amphoteric oxide shows both basic and acidic properties. 


Unit Ten 


Classification of Matter Ill: The 
Non-metals 


Non-metallic properties 


The halogens Hydrogen 


Non-metals in the Periodic 
Table 


Nitrogen and 
phosphorus 


Oxygen and 
sulphur 


Carbon and silicon 


This Unit looks at the properties of some of the more important non-metals and 
their compounds. The properties and group relationships are developed for the 
halogens, and the properties of non-metals from other groups are studied in some 
detail. 


10.1 What are Non-metals? 


The properties of a small group of elements (about one-sixth of the total number 
of elements) located in the upper right-hand corner of the periodic table (see 
Fig. 10.1) are quite unlike those discussed in Unit 9. 

These elements are termed the non-metals. In general they have melting and 
boiling points below 500 °C (in fact most are gases), and in the solid or liquid state 
do not conduct electricity. Can the marked difference in properties between the 
metals and non-metals be explained in terms of electronic structure? : 

In Unit 9 the physical properties of metals were explained by a model which 
envisaged positive metal ions held in a ‘sea’ of delocalized mobile electrons (see 
Fig. 9.1). Metallic properties are therefore associated with the metal in bulk and 
not with individual isolated atoms or molecules. In contrast, non-metallic 
properties point to the existence of small, isolated, individual units. Most non- 
metals exist as small separate molecules with very weak attractive forces. 
(known as van der Waals’ forces) between them. There are no delocalized 
mobile electrons to hold the individual units together, and non-metals there- 
fore lack those properties (such as lustre and electrical conductivity) which 
are associated with mobile electrons. 

Chlorine, a non-metal, is composed of Cl; 
chlorine molecule are held together by a strong covale 


molecules. The two atoms in each 
nt bond, but the attractive 
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Fig. 10.1 Position of the non-metals in the periodic table 


forces between molecules are merely the weak van der Waals’ forces (see Fig. 10.2). 
It is because the forces of attraction between chlorine molecules are so weak that, 
under standard conditions, the element exists as a gas. 


10.2 Non-metals with a Giant Structure 


Not all non-metallic elements have the physical properties (e.g. low boiling and 
melting points) which characterize chlorine gas. Some, notably carbon with four 


c - Weak van'der Wools’ forces 
R a ai between molecules 
z TE 
\ 


Strong covalent 
bonds within each 
chlorine molecule 


Fig. 10.2 Structure of chlorine gas, showing the weak forces of attraction 
between neighbouring molecules 
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electrons in its outer shell, are able to form giant molecules composed of many 
individual atoms joined together by strong covalent bonds. Carbon forms two 
such giant structures: diamond (shown in Fig. 2.16) and graphite (shown in Fig. 
2.17). Such structures have a marked influence on the physical properties of these 
non-metals. Thus diamond is very hard with a high melting point, while graphite 
is soft (the layers slide over each other) and is an electrical conductor due to the 
mobile electrons between the layers. 


10.3 Important Chemical Properties of Non-metals 


(a) Incontrast to the metals, which form cations, non-metals and groups of non- 
metals (e.g. carbonate CO3~) tend to form anions. Thus chlorine forms the 
chloride ion (see Section 10.6) by gaining an electron: 


Cl+e > Cl” 
(b) They form acidic (occasionally neutral) oxides (see Unit 8). Thus sulphur 
forms sulphur dioxide which will dissolve in water to form sulphurous acid. 
(c) The halides of the non-metals have a covalent structure and tend to react 
with, rather than dissolve in, water. Thus phosphorus pentachloride reacts with 
water to form phosphoric acid: 


PCl5,)+4H20q) > Hj PO3@q) + SH*Clagy 
Typical non-metal families are Group 7 (the halogens), Group 6 and Group S: 
Study of a typical non-metal family such as the halogens illustrates the gradation 


in physical and chemical properties within the group. It is found that non-metallic 
character decreases as the atomic number increases. 


10.4 The Halogens (Group 7) 


The names, symbols, electronic configuration and important physical properties 
of the halogen elements are listed in Table 10.1. 


Table 10.1 The halogens 


Fluorine (F) Chlorine (Cl) Bromine (Br) Iodine (I) 


Electronic configuration 2.7 2.8.7 2.8.18.7 2.8.18.18.7 
Atomic number 9 17 35 53 

Melting point (K) 54 172 266 387 
Boiling point (K) 85 239 332 457 
Density (kg m~?) 1:7 3-2 3100 4940 


At room temperature fluorine and chlorine are poisonous gases with irritating 
choking smells. Fluorine is pale yellow, and chlorine is greenish-yellow. Bromine 
is a dark-red volatile liquid with a poisonous, choking vapour; iodine is a dark 
shiny solid. 
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All four halogens exist in the form of diatomic molecules F;, Cl,, Br, and I;, 
with strong covalent bonds holding the two atoms together and only weak van 
der Waals’ forces between individual molecules. Being covalently bonded, they 
dissolve readily in covalent solvents: chlorine produces a colourless solution in 
tetrachloromethane (carbon tetrachloride), bromine gives a red solution, and 
iodine a purple solution. 


10.5 Preparation of the Halogens 


(a) Fluorine 

Fluorine will accept one electron into its outer energy level more readily than any 
other element and is thus the most powerful oxidizing agent known. 

The reaction 


F+e > F- 
occurs with great ease. In contrast the reaction 
F —F-e 


occurs with extreme difficulty, and it is thus virtually impossible to obtain 
fluorine from fluoride ion by chemical means. The only method available is an 
electrolytic one in which fluorine is generated under anhydrous conditions from 
a solution of potassium hydrogendifluoride in anhydrous liquid hydrogen 
fluoride. Fluorine is discharged at the anode. 
Anode reaction 
2F~ > F,+2e 
Cathode reaction 
2H* +2e > H, 


(b) Chlorine, Bromine and Iodine 
The laboratory preparation of these three halogens is much easier than that of 
fluorine because they are less powerful oxidizing agents. The halide ion decreases 
in stability down the group, i.e. the iodide ion is the most readily reducible. 

In general all these halogens can be prepared by warming the corresponding 
halide (chloride, bromide or iodide) with manganese(Iv) oxide and concentrated 
sulphuric acid: 


Mn** O&, -3H,S0,44.-2Na* X;  Mn**SO2;.,--2Na* HSO s, 
2H;0q,4- X5 


where X, represents a halogen and X- its corresponding halide. 

If the halogen is chlorine, it can be dried by passing it through concentrated 
sulphuric acid and collected by downward delivery (as shown on the right- 
hand side of Fig. 10.3). 

For bromine, Br;, the vapour is condensed and collected as the liquid in a 


cooled receiver; for iodine, I 2, the vapour sublimes and can be collected as a solid 
on a cooled surface. 
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The common laboratory method for the preparation of chlorine (Fig. 10.3) 
involves the direct oxidation of hydrochloric acid with the oxidizing agent 
potassium manganate(vil) (potassium permanganate): 


2K * MnOjj) + 16H * Clay > 2K * Clg) + 2Mn?* Cl; + 8H Oy + 5Cloy 


As an alternative, manganese(Iv) oxide can be used as the oxidizing agent but 
this reaction requires heat: 


Mn** 03,5, +4H* Cl, > Mn?* Cz, 2H;0, + Cl; 


Concentrated 
hydrochloric 
acid 


Filter paper 
cover 


Tap funnel 


Crystals of Chlorine 
potassium gas 
manganate(v) eng 
(potassium permanganate) 

Woulfe bottle containing Woulfe bottle containing 

water to remove HCI gas concentrated sulphuric 


acid to dry the gas 


Fig. 10.3 Laboratory preparation and collection of dry chlorine gas 


A small sample of chlorine can be conveniently prepared by adding an acid to 
‘bleaching powder’. Using hydrochloric acid and writing the active constituent of 
bleaching powder as Ca?* (CIO ^), the reaction is 


Ca? *(CIO-)4,, -+4H * Cla, > Ca?* Cla, --2H;0-2Cl 


10.6 Chemical Properties of the Halogens 


All these elements have seven electrons in their outer energy level and readily 
gain one electron to achieve a stable octet of electrons. Hence there is a strong 
tendency to form anions, as mentioned earlier: 


Cl+e — CI- 


The more easily the atom gains this outer electron, the more reactive it is. 
Reactivity thus decreases with increasing atomic number. This is because the 
smaller the atom the greater the attraction of the positive nucleus for the 
negative electron. Thus fluorine (atomic number 9) is much more reactive than 
chlorine (atomic number 17), and chlorine in turn is more reactive than bromine 
(atomic number 35). Iodine (atomic number 53) is the least reactive. 
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Fluorine is the most reactive non-metal and combines directly with almost all 
other elements; yet the compounds of fluorine are often extremely stable. This is 
well illustrated by PTFE or poly(tetrafluoroethylene), a material which is very 
resistant to chemical attack and is used for coating ‘non-stick’ cooking utensils, 

The chemistry of fluorine is discussed separately from that of the other 
halogens because of its extreme reactivity. Chlorine, bromine and iodine show a 
definite gradation in chemical properties, and so the chemistry of all three can be 
illustrated by looking at the element chlorine in some detail with only minor 
references to bromine and iodine. 


(a) Reactions with Metals 

Chlorine, bromine and iodine react readily with most metals. This is because of 
the strong tendency of the halogen to gain an electron and the strong tendency 
of metals to lose electrons. Thus heated sodium reacts vigorously with chlorine 
gas producing the white ionic solid, sodium chloride: 


2Nay)+Cla > 2Na*Cls 


Metals having more than one oxidation number tend to form the ‘higher’ 
chloride when reacting directly with chlorine. For example, iron reacts with 
chlorine to give iron(m) chloride and not iron(rr) chloride: 


Fey +3Clag — 2Fe?* Clg, 


(b) Reactions with Water 
Chlorine and bromine are moderately soluble in water. Chlorine dissolves to give 
a solution called ‘chlorine water’ which contains both hydrochloric acid and 
chloric(1) acid (hypochlorous acid): 

Ch; H;0, = H* Clay +H* Clog, 


The chlorate()) ion (hypochlorite ion) CIO - is a constituent of liquid bleach and 
kills bacteria. For this latter reason small amounts of chlorine are dissolved in 
swimming-pool water. 


On standing in sunlight ‘chlorine water’ liberates oxygen: 
2H*ClOg,) > 2H* Clay +029) 
Iodine is only sparingly soluble in water. 


(c) Reactions with Alkalis 


Chlorine is absorbed by a cold dilute solution of sodium hydroxide to form 
sodium chloride and sodium chlorate(1) (sodium hypochlorite): 


2Na* OH gq) 4-Cl — Na* Cla, - Na* CIO; -- H200) 
In general the reaction of chlorine with any cold, dilute alkali can be written 
20H, Cb > Clo, CIO C, +H20,, 


With hot, concentrated sodium hydroxide, chlorine reacts to give sodium 
chloride and sodium chlorate(v) (sodium chlorate): 
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6Na* OH 4-3Cl > SNa* Cla +Na* CIO, 4-3H;04 
In general the reaction with any hot, concentrated alkali can be written 
60H, 7-3Cl, > SCI aq) + ClO Sag) 2-3H;0q 


Bromine reacts with alkalis to give the bromide and bromate(v); iodine 
similarly gives the iodide and iodate(v). 

When chlorine is passed over cold, solid calcium hydroxide (slaked lime) 
the product is a mixture called bleaching powder: 


3Ca?* (OH™) 4) --2Clg > Ca?*(CIO™) 4) +Ca?* Clg . Ca? + (OH), . H20 
+H,0y 


(d) Oxidizing Properties of the Halogens 
All the halogens are oxidizing agents because of their ability to accept electrons. 
As this ability decreases with increasing atomic number, fluorine is the strongest 
oxidizing agent and iodine is the weakest. 

This ease of oxidation can be readily demonstrated for chlorine, bromine and 
iodine by the following series of displacement reactions. 


Experiment 10.1 Determination of the relative oxidizing powers of chlorine, 
bromine and iodine 

Separate solutions of each halogen in tetrachloromethane (carbon tetrachloride) 
are prepared by (i) bubbling chlorine gas through the liquid, (ii) adding a drop of 
bromine liquid and (iii) adding a small crystal of iodine. The chlorine solution is 
colourless; the bromine solution is red, and the iodine solution is purple. A 
little of each of these solutions is separately shaken with aqueous solutions of 
potassium chloride, potassium bromide and potassium iodide. The more 
dense tetrachloromethane (carbon tetrachloride) is allowed to settle as a separ- 
ate layer and the colour of this lower layer is recorded. 

The results can be tabulated as follows: 


Potassium Potassium Potassium 
chloride solution | bromide solution| iodide solution 
L 
Chlorine in no change colourless to colourless to 
CCl, (colourless) red (see Eqn. 1 purple (see Eqn. 
below) s below) 
— |= 
Bromine in no change no change red to purple 
CCl, (red) (see Eqn. 3 
below) 
ies 

Iodine in no change no change no change 
CCl, (purple) 


L— 
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Conclusion 
Chlorine oxidizes bromide ion to bromine, and iodide ion to iodine: 
Cl; (cci) 4-2Brg4 > Brace, t 2Clo (1) 
colourless red 
Clic, 2I > Lia t 2Clag (2) 
colourless purple 


Bromine oxidizes iodide ion to iodine: 
Braco 215 lica, 2Bro4 (3) 
red purple 


Iodine oxidizes neither bromide ion nor chloride ion. 
Thus the order of oxidizing ability is chlorine > bromine > iodine. 


(e) Other Oxidizing Properties of Chlorine 

(i) Chlorine has a great affinity for hydrogen, either free or when it is com- 
bined with carbon in hydrocarbons. In bright sunlight hydrogen and chlorine 
mixtures explode. A jet of hydrogen will burn in chlorine, and vice versa. The 
product in either case is hydrogen chloride: 


Hag +Clag > 2HCl 


A burning waxed taper (wax is a hydrocarbon mixture) burns with a red smoky 
flame when lowered into a gas jar containing chlorine. 

Cotton wool soaked: in warm turpentine (another hydrocarbon mixture, 
simplest formula C,9H,¢) bursts into flame in a jar of chlorine, liberating clouds 
of soot (carbon). The chlorine oxidizes the turpentine to carbon: 


Cy oH 6a) +8Cla¢g > 10C + 16HCI,,) 


In both of these cases the presence of hydrogen chloride can be detected by the 
dense white fumes of ammonium chloride produced when a piece of filter paper 
soaked in aqueous ammonia is held near the top of the gas jar: 

HCl, +NHz ^ NH; Cl; 


(ii) When hydrogen sulphide is passed into chlorine water, a creamy precipitate 
of sulphur is produced as the chlorine oxidizes the hydrogen sulphide to sulphur: 


HS Ch, > 2H* Clg) +S 
(iii) Chlorine oxidizes ammonia to nitrogen: 
2NH3,, 4-3Cl;, > 6HCl, 4- No 


The hydrogen chloride produced reacts with excess ammonia forming white 
solid ammonium chloride: 


(s) 


6HCl,, 4-GNH,(, > 6NHz Cl; 
10.7 Uses of the Halogens 


Chlorine. Chlorine finds widespread use in the manufacture of plastics such as 
poly(chloroethene) (also known as polyvinyl chloride or PVC), disinfectants, 
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hydrochloric acid, insecticides, refrigerants and many other chlorinated com- 
pounds. The gas itself is used for sterilizing water supplies and for making 
‘bleach’. 

Bromine. Bromine is used for the preparation of bromides, drugs, dyes and in 
particular for making 1,2-dibromoethane which is added to petrol. 

Iodine. Yodine is used in medicine because of its antiseptic properties, in dyes, 
photographic film, and in insecticides. Radioactive iodine is used as a tracer (see 
Unit 13). 


10.8 Hydrogen Chloride, Hydrochloric Acid and the Chlorides 


Hydrogen chloride is a colourless gas composed of covalent molecules. Being 
covalent, it dissolves in covalent solvents such as methylbenzene (toluene); the 
resulting solution has no acidic properties. The gas dissolves readily in water and 
reacts with it to form an ionic solution containing the oxonium ion H3Oġ and 
the chloride ion Clq): 


HCl, + H;0, > H30$, + Cla 


This solution is hydrochloric acid; it has acidic properties due to the oxonium 
ions H30q, and it forms chlorides which contain the Cl- ion. 


(a) Preparation of Hydrogen Chloride and Hydrochloric Acid 
(i) By direct synthesis of hydrogen and chlorine gases (see Section 10.60): 


Hz + Cla ^ 2HCl, 
Dissolving the gas in water gives hydrochloric acid. 


(ii) By the action of concentrated sulphuric acid on an ionic chloride, e.g. 
sodium chloride: 
Na*Cl5+H2SO4 ^ Na* HSO4j) + HCl) 
This type of reaction illustrates the use of sulphuric acid in the displacement 
of a more volatile acid from its salt. It can be used for the preparation of 
acids having a lower boiling point than sulphuric acid, particularly the 


halogen acids and nitric acid. 

Dry hydrogen chloride can be prepared and collected in the apparatus shown 
in Fig. 10.4. The modification shown on the right enables hydrogen chloride to 
dissolve slowly in water, producing hydrochloric acid. Hydrogen chloride is 
extremely soluble in water, and without the inverted filter funnel water would 


be sucked back into the apparatus. 


(b) Properties of Hydrogen Chloride 
(i) The gas will react with ammonia gas to produce dense white fumes of 
ammonium chloride: 
NH; - HCl > NHiCl;, 


This reaction can be used to detect the presence of hydrogen chloride. 
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Fig. 10.4 Laboratory preparation of hydrogen chloride: (left) collection 
of the dry gas; (right) apparatus used for dissolving the gas in water 


(ii) The gas will react with heated metals, forming chlorides and liberating 
hydrogen. For example, with iron (see Section 9.20): 


Fe.) +2HCl,, — Fe? *Cl- Hag 
(iii) The gas readily dissolves in water to form hydrochloric acid: 
HCl,-H;0, > H300,)+Clq, 


(aq) 
(often written Tac) 
(c) Properties of Hydrochloric Acid 
Hydrochloric acid is a typical mineral acid and exhibits the following 
properties associated with such acids. 
(i) It neutralizes bases: 


H *Clayt+Na*OH,,) > Na* Clay t H20% 


(ii) It liberates carbon dioxide from carbonates and hydrogencarbonates. 
For example, with sodium carbonate: 


2H* Cl, - Nai COS + 2Na* Cla, -- CO; -- H;0u 
and with sodium hydrogencarbonate: 
H* Clana -- Na* HCO;,, > Na+ Ciga -- CO, - H0) 


(iii) It reacts with metals above hydrogen in the electrochemical series, 
liberating hydrogen gas: 


2H* Cl, - Mg, > Mg?* Clino + Ht 
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10.9 Tests for Chloride, Bromide and Iodide Ions 


(a) If a few drops of dilute nitric acid are added to the suspected halide 
solution, followed by a little dilute silver nitrate solution, the colour of any 
precipitate that forms has the following significance: 

(i) a white precipitate indicates chloride 


Agi t Clag > Ag+ Che, 
(ii) a cream precipitate indicates bromide 
Aga t+ Bray > Ag* Brey 
(iii) a yellow precipitate indicates iodide 
Agat lag > AB * Ts) 


(b) The presence of a bromide or an iodide in aqueous solution can be detected by 
adding chlorine dissolved in tetrachloromethane (carbon tetrachloride). The 
tetrachloromethane layer turns red if bromide ion is present in the solution under 
test and purple if iodide ion is present (see Experiment 10.1). 


10.10 Hydrogen 


Atoms of hydrogen contain one positive proton as the central nucleus surrounded 
by one electron in the first energy level. 

Hydrogen resembles the alkali metals when it loses its one electron to become 
an ion with unit positive charge: 


H > H* +e 
(cf. Na —^ Na* +e) 


Hydrogen resembles the halogens when it gains one electron to become an ion 
with unit negative charge having the noble-gas structure of helium: 


H+e > H™ 
(cf. Clt+e > CI) 
and also when it shares its one electron in covalent-bond formation : 
H'+H’ > H:H (or H5) 


These different types of behaviour make it difficult to assign hydrogen toa 
particular chemical family. It is often found placed above both the alkali metals 
(Group 1) and the halogens (Group 7). 


10.11 Preparation of Hydrogen 


(a) By the Action of Reactive Metals on Water 
All the alkali metals (see Unit 9) will liberate hydrogen from cold water: 


2Na,,-2H;0, > 2Na* OH gq) + Hae 
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The alkaline-earth metals (see Unit 9) will liberate hydrogen from steam (and, 
in the case of calcium, from cold water): 
Cay) +2H20q) > Ca?* (OH ~) (aq) + Hag 
Certain other metals, e.g. iron, react with steam when they are heated. 
(b) By the Action of Reactive Metals on Acids 
The acids in question are hydrochloric (either dilute or concentrated) and 


dilute sulphuric. The metals are all above hydrogen in the electrochemical 
series, and suitable ones are chosen which will react steadily (e.g. iron or zinc): 


Zny- H2SO$,, — Zn?*SO2 a4) +H») 
Alkali metals react explosively with acids and should be avoided. 
(c) By the Action of Aluminium or Zinc on aqueous Potassium or Sodium 


Hydroxide 
The reaction of zinc with alkalis is described in Section 9.27a: 


Zn, + 20H gq) +2H,0, ^ Zn(OH) iq) - Hai 
The reaction of aluminium with alkalis is described in Section 9.14c: 
2Al)+2OH Gq) + 6H;0q > 2AKOH) Fa +3H zp 


10.12 Properties of Hydrogen 


Hydrogen is a colourless, odourless and tasteless gas. It has a boiling point of 
21K and a melting point of 14K. It is the least dense gas known (density 
0:0899 kg m 3) 


(a) Reactions with Non-metals 1 
(i) Hydrogen combines spontaneously with chlorine, the reaction being 
explosive in sunlight: 


Hag Ch > 2HCli 
(ii) Mixtures of oxygen and hydrogen are explosive when ignited: 
Hawt Oz > 2H;0, 


(iii) Nitrogen and hydrogen will combine together to form ammonia gas in the 
Presence of an iron catalyst, under high pressure and at a temperature of 500°C: 


Naja) t 3Ha > 2NH3 
This is the basis of the Haber process for the manufacture of ammonia (see 
Unit 14). 


(b) Reactions with Metals 
Hydrogen will accept electrons from very reactive metals (particularly Group 1). 


Classification of Matter III: The Non-metals 229 
For example, when sodium is heated in hydrogen the product is a white ionic 
solid called sodium hydride: 
2Na,, - H5 > 2Na* Hi 
(c) Hydrogen as a Reducing Agent 


Hydrogen reduces the heated oxides of metals low in the electrochemical series, 
removing the oxygen and leaving the metal: 


Cu? * OS + Ha > Cu + H20% 


10.13 Uses of Hydrogen 


Hydrogen is used extensively in the manufacture of ammonia (Haber process) 
and in the manufacture of hydrogen chloride and hydrochloric acid. 

Other important uses include the synthesis of methanol and the manufacture 
of margarine. In the latter process, hydrogen in the presence of a nickel catalyst 
is added to vegetable oils in order to *harden' them, i.e. produce a solid fat. 


10.14 Oxygen and Sulphur (Group 6) 


The symbols, atomic numbers, electronic configurations and important physical 
properties of oxygen and sulphur are given in Table 10.2. 


Table 10.2 Physical properties of oxygen and sulphur 


Electronic Atomic Melting Boiling Density 
configuration number point (K) point (K) (kg m7?) 


Oxygen (O) 2.6 8 55 90 1-33 
Sulphur (S) 2.8.6 16 386 718 2070 


Both oxygen and sulphur are typical non-metals with six electrons in their 
outer energy level. They each accept two electrons to attain a noble-gas structure 
and hence form an anion with two negative charges: 


O+2e + 0°- 
S+2e > S?- 


Alternatively they can form two covalent bonds by sharing electrons. Thus in 
the water molecule each oxygen atom shares two electrons with two electrons 
from two separate hydrogen atoms. Sulphur shares electrons similarly in the 
hydrogen sulphide molecule, see Fig. 10.5. 

Although oxygen and sulphur are both in Group 6, their chemical properties 
differ so much that it is convenient to study the elements separately. 
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Fig. 10.5 Molecular structure of hydrogen sulphide compared with the 
molecular structure of water 


10.15 Oxygen and Oxidation 


The preparation, properties and uses of oxygen are described in Sections 6.3-6.6, 
and the classification of oxides is discussed in Section 8.3. 

References are made throughout this book to oxidation and reduction. These 
terms can be defined in various ways. 


(a) Oxidation and Reduction in Terms of Oxygen 
When magnesium burns in oxygen, white solid magnesium oxide is formed: 


2Mg,, 4-054, > 2Mg?*O2> 


The magnesium has been oxidized by addition of oxygen. 

In general, whenever oxygen is added to an element or compound the process 
is called oxidation. Conversely, whenever oxygen is removed from an element 
or compound the process is called reduction. 


When hydrogen is passed over heated copper(I!) oxide, copper remains and 
water is produced: 


Cu** 025+ Haig > Cu, -- HO, 
The copper oxide has been reduced to copper by /oss of oxygen, and at the same 
time the hydrogen has been oxidized to water by oxygen gain. 


Since oxidation and reduction always occur simultaneously, the term redox 
reaction is often used to describe this type of process. 


(b) Oxidation and Reduction in Terms of Hydrogen 

Whenever hydrogen is added to an element or compound the process is called 
reduction, and the removal of hydrogen is oxidation. For example, ethene 
(ethylene) is reduced to ethane by the addition of hydrogen: 


CHast Ho > CHet 
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These simple early ideas concerning oxidation and reduction have been largely 
superseded by the following more generalized definitions involving electron 
transfer and change in oxidation number. 


(c) Oxidation and Reduction in Terms of Electron Transfer 
Let us consider the reactions which take place during the electrolysis (described 
in Unit 5) of molten lead(m) bromide. 


At the anode At the cathode 
Bromine is liberated : Lead is deposited: 

2Br~ — Br2+2e Pb?*+2e — Pb 
This is oxidation of the bromide ion This is reduction of the lead(n) ion 
to bromine by electron loss to lead by electron gain. 


In general, all anode processes in electrolysis are oxidations and all cathode 
processes are reductions. Moreover, the definition of oxidation as a loss of elec- 
trons and reduction as a gain of electrons is not restricted just to electrolysis 
reactions. Consider for example the liberation of hydrogen from dilute 
sulphuric acid when zinc is added: 


Zno +H} S025, > Zn^* SO t Hag) 


Neglecting the sulphate ions, since they are merely 'spectator ions', the 
reaction can be written as 


Zn -2Há > Zn + Haw 
The zinc metal is oxidized to zinc ions by the loss of two electrons: 
Zn > Zn?* *2e 
and the hydrogen ions are reduced to hydrogen atoms by the gain of electrons: 


2H* +2e > H, 


(d) Oxidation and Reduction in Terms of Oxidation Number 
Oxidation is defined as an increase in oxidation number; an element which 
increases its oxidation number is said to be oxidized. Conversely, reduction is a 
decrease in the oxidation number. 

For example, when chlorine gas is passed over heatcd iron, red-black crystals 
of iron(im) chloride are produced: 


2Fej) +3Clog > 2Fe?* Clo; 
oxidation numbers: 0 0 +3 -l 


The metallic iron increases its oxidation number from 0 to +3 when it i 
converted to iron(m) ions: thus iron is oxidized. The chlorine gas decreases ts 
oxidation number from 0 to —1 when itis converted to chloride ions: thus 
chlorine is reduced. 
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10.16 Sulphur 


Many compounds of sulphur occur naturally, the most common are metallic 
sulphides and sulphates. Free sulphur is found in the volcanic regions of south- 
ern Italy and Sicily, while vast deposits are located underground in Louisiana 
and Texas. Most of the world’s free sulphur is obtained from this latter source 
by the Frasch process. 

In the Frasch process, three concentric pipes inside a casing are sunk into the 
sulphur beds which are about 150 m below the surface. Superheated water 
(170°C) is pumped through the outermost 150 mm pipe to melt the sulphur. 
Hot compressed air is pumped down the central 25 mm pipe, and molten 
‘foamy’ sulphur gushes under pressure up the 75 mm pipe between the other 
two (see Fig. 10.6). 
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Fig. 10.6 Extraction of. sulphur by the Frasch process 


On reaching the surface the molten sulphur is run off into tanks where it is 
allowed to cool and solidify. A considerable economic advantage of the Frasch 
Process is that the product is obtained in a high state of purity (typically 99-57; 
sulphur). This is because the superheated water liquefies the sulphur but not the 


chief ere ae such as sand and rock, so the latter remain behind in the 
ground. 


Classification of Matter III: The Non-metals 233 


10.17 Properties of Sulphur 


(a) Allotropy 
The element sulphur exists in a number of different allotropic forms. Each 
allotrope has its own physical properties but gives rise to identical chemical 
compounds. 

The stable allotrope at ordinary temperatures is rhombic sulphur, a yellow 
solid which forms octahedral crystals as shown in Fig. 10.7a. 


QW, 


(a) Rhombic sulphur (b) Monoclinic sulphur (c) Sg molecule 


Fig.10.7 Allotropy of sulphur : (a) and (b) the two common crystal forms ; 
(c) a ring-shaped molecule containing eight sulphur atoms 


Experiment 10.2 Preparation of rhombic sulphur 
A little finely powdered sulphur is placed in a test tube. The tube is half filled with 
carbon disulphide, CS,, and warmed in a water bath in a fume cupboard. After 
repeated shaking, the suspension is filtered into an evaporating basin and, still 
in the fume cupboard, the solution is allowed to cool. The carbon disulphide 
readily evaporates, leaving octahedral crystals of rhombic sulphur. 

Caution: carbon disulphide is highly flammable and has a poisonous vapour; 
it should be handled with care. 


Monoclinic sulphur is the other major allotrope of sulphur. This form is 
unstable at ordinary temperatures and slowly reverts to the rhombic form. 
Monoclinic sulphur is stable above 95-6 °C (the transition temperature between 
these two allotropes). 


Experiment 10.3 Preparation of monoclinic sulphur 
Powdered sulphur is heated in a boiling tube until it just melts. The liquid 
sulphur is then poured into a folded filter paper in a dry funnel on a ring-stand. 
When a solid crust has formed on the surface of the liquid, the filter paper is 
opened to expose the long needle-like crystals of monoclinic sulphur (see Fig. 
10.76). 

Alternatively the powdered sulphur can be recrystallized from boiling methyl- 
benzene (toluene). This solvent boils at 111 *C, which is above the rhombic > 
monoclinic transition temperature. Hence monoclinic crystals are obtained. 


Both rhombic and monoclinic sulphur are composed of ring-shaped Ss 
molecules (see Fig. 10.7c), but the rings are arranged in a different way in the two 
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allotropes. On heating, sulphur melts to a pale-yellow, mobile liquid in which 
the S, rings are able to move freely. As heating proceeds, the liquid darkens until, 
at 200°C, it is nearly black and becomes very viscous. It is believed that the S, 
rings begin to open and form chains, and as these chains become entangled with 
each other, so the viscosity increases. 

On further heating, the molecular chains break down and the liquid becomes 
mobile and eventually boils (444-6 °C). When boiling sulphur is poured into cold 
water, a dark-brown rubbery solid called plastic sulphur is formed. Plastic sulphur 
hardens on standing as it slowly changes to the stable rhombic allotrope. 


(b) Reaction of Sulphur with Metals 

Sulphur combines with almost all metals when heated. The reactions are usually 
vigorous and exothermic. For example, when a mixture of iron filings and 
powdered sulphur is heated on a small sand tray, the mixture glows even when 
heating is discontinued. Black solid iron(11) sulphide remains: 


Fe, +S) > Fe?* So 


(c) Reaction of Sulphur with Non-metals 

Sulphur combines directly with several non-metals, the most important of which 
is oxygen. For example, when powdered sulphur is heated in air or oxygen it 
burns with a blue flame, producing sulphur dioxide: 


S503 > SO; 


Sulphur dioxide is a colourless gas with a choking smell. 


10.18 Uses of Sulphur 


Most of the sulphur produced in the world is employed in the synthesis of 
sulphuric acid. It is also needed for the industrial preparation of disulphur 
dichloride (sulphur monochloride) S;Cb, which is used in the vulcanization of 
rubber and in the manufacture of tetrachloromethane (carbon tetrachloride). 


10.19 Hydrogen Sulphide, H,S 


(a) Preparation 
Hydrogen sulphide gas can be prepared by treating a metal sulphide, usually 
iron(i) sulphide, with hydrochloric or sulphuric acids in moderate concentra- 
tion: 

Ee? S27 +2H* Cle) > Fe?* Cl, +H2S,) 


(6) Properties 


(i) The most characteristic physical Property of the gas is its odour, reminiscent 


of rotten eggs. It is colourless and poisonous. In water it dissolves fairly readily to 
give an acid solution. 
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(ii) Hydrogen sulphide burns in air with a blue flame to form sulphur dioxide 
and water: 


2H2S(g) +30 21g) > 2H20(¢) + 250246) 
If the air is in limited supply, sulphur is produced: 
22S ig) + Org) > 2S) +2H20 (9) 


(iii) The sulphides of many metals are insoluble and are precipitated when 
hydrogen sulphide is passed through solutions containing ions of these metals. 
For example, lead gives a brownish-black precipitate of lead(i) sulphide, 
pb?*g?-: 

Pb? žo HHS — Pb? St --2Hi 


Copper gives a black precipitate of copper(t1) sulphide, (ui sic: 


Cuts - H2S ^ Cu?* SS 2H 


Zinc gives a greyish-white precipitate of zinc sulphide, Zn s: 


Zogi HHS > Zn^* St; -2Hoa 


The blackening of a filter paper soaked in lead(m) ethanoate (acetate) or 
lead(n) nitrate is used as a test for hydrogen sulphide. 

The blackening of old paintings containing white lead-based paints is due to the 
formation of black lead(11) sulphide produced by the action of minute traces of 
hydrogen sulphide in the atmosphere, particularly in industrial regions. These 
paintings can be restored by treating them with a dilute solution of hydrogen 
peroxide, H,O,. This powerful oxidizing agent converts the black lead(1) 
sulphide to white lead(i1) sulphate: 


Pb?*S2,-+4H,0, > Pb?*SO%5 +420. 


(iv) Hydrogen sulphide acts as a reducing agent and in each case is itself 
oxidized to sulphur. For example, when the gas is passed through a yellow-brown 
solution of iron(m) chloride the solution turns green as Fe?* ions are reduced to 
Fe?* ions: 

2Fe?* Clia t H2S > 2Fe?* Cl, + 2H* Clea +S) 
yellow-brown green 

When a gas jar containing moist sulphur dioxide is inverted over a gas jar 
containing hydrogen sulphide, a precipitate of sulphur is formed. The hydrogen 
sulphide has reduced the sulphur dioxide to sulphur: 


2HS +502) > 2H,09 t 3S0 


10.20 Sulphur Dioxide, SO, 


The two common oxides of sulphur are sulphur dioxide, SO,, and sulphur 
trioxide, SO3. 
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(a) Preparation 

Although sulphur dioxide for laboratory use is normally obtained from a 

cylinder of the gas, the methods available for its preparation should be known. 
(i) By burning sulphur in air or oxygen: 


85-04, — SO; 


(ii) By the action of a dilute acid (except nitric acid, which is an oxidizing 
acid) on a sulphite or a hydrogensulphite. For example, the action of dilute 
hydrochloric acid on sodium sulphite: 


heat 
Naj S03} +2H* Clay —— 2Na* Clo; +SO2.)+H20,, 
(iii) By the action of hot concentrated sulphuric acid on copper: 
Cu, -2H;$0,4 + Cu?*SO$,, + 2H;04,4 SO; 


(b) Properties 

(i) Sulphur dioxide is a colourless pungent gas which is easily liquefied under 
pressure. 

(ii) The gas dissolves readily in water to form an acidic solution of the 
weak sulphurous acid: 


S0; 4- H0, > H1SO2; 


3(aq) 
Sulphur dioxide is the anhydride of sulphurous acid, but the free acid cannot 
be isolated. 


(iii) Sulphur dioxide in water reduces orange dichromate(vi) ions to green 
chromium(m) ions: 
Cr207@q) -380$.. -- 8H. > 2Cr$4) 4-380, --4H;0, 


Thus a filter paper soaked in potassium dichromate(vi) solution turns from 
orange to green when exposed to sulphur dioxide, and this reaction can be 
used to test for the gas. 


(iv) Sulphur dioxide is absorbed by a solution of sodium hydroxide, 
forming sodium sulphite: 
S04, -2Na* OH, > Na7 S0$,, -H0g 
With excess sulphur dioxide the acid salt sodium hydrogensulphite is 
obtained: 
SOx) Na* OH, + Na* HSO) 


(These are both essentially neutralization reactions in which sulphurous acid 
is neutralized by the alkali sodium hydroxide.) 


(c) Uses 


By far the most important use of sulphur dioxide is in the manufacture of 
sulphuric acid (see Sections 10.22 and 14.7). 


i In addition it is used as a preservative in a wide variety of foods from lemon 
Juice to sausages, and as a bleaching agent. 
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It is worth noting that the presence of small quantities of the gas in the 
atmosphere, from industrial pollution, is a health hazard to both humans 
and animals. Because of its acid nature, it also causes deterioration in stone- 
work and metal structures. 


10.21 Sulphur Trioxide (Sulphur(v1) Oxide), SO; 


(a) Preparation 

(i) Sulphur trioxide is prepared by passing a mixture of dry sulphur dioxide 
and dry oxygen over a platinized-asbestos or vanadium(v) oxide (vanadium 
pentoxide) catalyst at 450°C: 


280 2/4) + Ox) + 2803, 


The gases are then passed through a cooled receiver, and the sulphur trioxide 
condenses as white needle-shaped crystals (see Fig. 10.8). 
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Fig. 10.8 Laboratory preparation of sulphur trioxide 
(ii) Sulphur trioxide is formed when certain metallic sulphates are heated. 
For example, heating iron(u) sulphate: 
Fe3* (SO2~)a) > Fej*0254-3S805( 
When iron(it) sulphate is heated, both sulphur trioxide and sulphur dioxide 
are produced: 
2Fe?* SO; > Fe3* 035+ $054 SOsto 


(b) Properties 
Sulphur trioxide is a volatile white solid whi h fur 
reacts explosively with water to form sulphuric acid: 


H,0,4-S03« > HZ Oso 


ich fumes in moist air. The solid 
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Sulphur trioxide is the anhydride of sulphuric acid. 

Gaseous sulphur trioxide does not readily dissolve in water but it does 
dissolve in concentreated sulphuric acid forming fuming sulphuric acid 
(oleum): 

SOs + H2SO4q) > H2S2070) 


10.22 Sulphuric Acid, HS0, 


The reactions outlined in Section 10.21 form the basis of the manufacture of 
sulphuric acid, one of the world’s most important chemicals. These reactions 
are discussed in detail in Unit 14. 

Concentrated sulphuric acid is a dense, oily liquid which combines violently 
with water. The reaction is extremely exothermic, and the addition of small 
quantities of water to the concentrated acid can cause the production of steam 
with resultant ‘spattering’ of the acid. For this reason concentrated sulphuric 
acid is always diluted by adding to water with stirring. 

The chemical properties of sulphuric acid can be conveniently discussed 
under the following headings: (a) its reactions as an acid in dilute aqueous 
solution, (b) oxidizing properties, (c) dehydrating properties, and (d) its use 
in the preparation of other acids. 


(a) Sulphuric Acid as an Acid 

A solution of the acid in water shows all the properties of a strong mineral acid 
(see Unit 8). The fact that this solution is a good conductor of electricity 
indicates the presence of a high concentration of ions: 


H,804,4--H,O, > H 3064 HSO Zian 
HSO4,,--H;0o > H30$,-- SO2 


From these equations it can be seen that there is a high concentration of 
oxonium ions and that sulphuric acid forms two series of salts: sulphates and 
hydrogensulphates. The preparation of sodium sulphate and sodium hyd- 
rogensulphate has been described in Section 8.13. 


Test for a Sulphate 

To a solution of the suspected sulphate, dilute hydrochloric acid and barium 
chloride solution are added. A white precipitate of insoluble barium sulphate 
confirms the presence of a sulphate ion in the original solution. 


SO$,, -Ba?* Cla, > Ba? SOR T2Cl 


The hydrochloric acid is added to prevent the precipitation of barium sulphite 
should sulphite ions be present. (This compound is soluble in dilute hydro- 
chloric acid.) 


(b) Oxidizing Properties of Sulphuric Acid 
Hot concentrated sulphuric acid is an oxidizing agent, and in its reactions is 
usually reduced to sulphur dioxide. 
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(i) It oxidizes copper to copper(I) sulphate: 
Cup) -2HS044 > Cu?* S025, -2H;0q + SO; 
(ii) It oxidizes carbon to carbon dioxide, and sulphur to sulphur dioxide: 
Cy + 2H SO gq > CO2 + 28O02(g) + 2H20(¢) 
Si +2HSO4q) > 380214) +2H20;9) 


(c) Dehydrating Properties of Sulphuric Acid 

Concentrated sulphuric acid has a strong affinity for water (it is hygroscopic) 
and for this reason is often used to dry gases which do not react with it. Its 
dehydrating nature is so strong that it will remove water of crystallization from 
hydrated salts and the elements of water from carbohydrates, methanoic (formic) 
acid and ethanedioic (oxalic) acid. 

(i) When crystals of copper(m) sulphate are warmed with concentrated 
sulphuric acid, the blue crystals turn white as water of crystallization is 
removed. The white anhyrous salt remains: 

Cut S08 -.5H;0 s CU S04 + 5H;0q 

(ii) Sugar (C,2H20};) is a carbohydrate and, as its name suggests, contains 
the elements of water. When a little sugar is treated with concentrated 
sulphuric acid in a breaker and warmed gently, the sugar turns yellow and then 
darkens. A vigorous exothermic reaction begins and a steaming black mass of 
carbon rises out of the beaker: 


C,2H550,10 ^ 12€ + 11H20) 


(iii) Methanoic (formic) and ethanedioic (oxalic) acids are both dehydrated by 
concentrated sulphuric acid: 
HCOOH,» > CO t H200 


methanoic acid 


COOH 
| > CO x) + CO, + H200 


COOH» 


ethanedioic acid 


(d) Preparation of Other Acids using Sulphuric Acid 
Concentrated sulphuric acid is used in the preparation of nitric, hydrochloric 
and ethanoic (acetic) acids. In each case concentrated sulphuric acid is heated 
with a salt of the acid to be prepared. For example, sodium nitrate yields 
nitric acid: 

Na+ NO; 4- H;S044 > Na*HSO4,,4- HNO 


The volatile nitric acid vapour is removed from the reaction mixture because 
nitric acid has a lower boiling point than sulphuric acid. 
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10.23 Uses of Sulphuric Acid 


Sulphuric acid is one of a large group of chemicals known in industry as 
‘heavy’ chemicals, because they are manufactured on such a large scale. 
Major uses of the acid include: 
(a) manufacture of fertilizers, particularly ammonium sulphate and 
‘superphosphate’; 
(6) manufacture of explosives, dyestuffs and drugs; 
(c) ‘pickling’ of iron and steel (i.e. the removal of surface oxide); 
(d) manufacture of rayon; 
(e) the lead storage accumulator (car battery); 
(f) manufacture of paints and detergents. 


10.24 Nitrogen and Phosphorus (Group 5) 


The symbols, atomic numbers, electronic configurations and important physical 
properties of nitrogen and phosphorus are given in Table 10.3. 


Table 10.3 Physical properties of nitrogen and phosphorus 


Electronic Atomic Melting Boiling Density 
configuration number ^ point(K)  point(K)  (kgm-^?) 


Nitrogen (N) 2:5 7 63 77 1-165 
2200 (red) 
Phosphorus (P) 2.8.5 15 317 552 1800 (yellow) 


Both elements are typical non-metals with five electrons in their outer energy 
level. Each can accept three electrons into its outer energy level to attain a noble- 
gas structure, forming the nitride ion: 


N+3e > N?- 
or the phosphide ion: 
P+3e > P?- 


However, it is much more likely that nitrogen and phosphorus should form 
covalent bonds by electron sharing, as illustrated by the hydrides NH, (ammonia, 
see Fig. 2.13) and PH, (phosphine). 


10.25 Nitrogen 


In the Baseous state nitrogen occurs as diatomic molecules (N2). Because the two 
atoms in each molecule are joined together by extremely strong covalent bonding, 


molecular nitrogen is very unreactive. The chemistry of nitrogen is discussed in 
Section 6.9. 
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10.26 Ammonia, NH, 


Ammonia is the most important hydride of nitrogen. Its solution in water, 
aqueous ammonia, is an important common alkali. 


(a) Preparation 

(i) Ammonia gas is prepared in the laboratory by warming a mixture of 
an alkali and an ammonium salt. Calcium hydroxide (slaked lime) and 
ammonium chloride is a convenient mixture: 


Ca?*(OH™ ) 2%) 4-2NH; Clg > Ca? * Cl, +2NH 3) +2H20;,) 
(In general: OH~ +NHj > NH;+H,0) 


The gas may be dried by passing it through a drying tower containing 
calcium oxide (quicklime), as shown in Fig. 10.9. Common drying agents, 
e.g. calcium chloride and concentrated sulphuric acid, cannot be used to dry 
ammonia as they react with the gas. 


Mixture of calcium hydroxide 
and ammonium chloride 


Lime 
fower 
containing 
calcium 
oxide 

to dry 
the gas 


Fig. 10.9 Laboratory preparation and collection of ammonia gas 


(b) Properties of Ammonia Gas 

(i) Ammonia is a colourless gas which is easily liquefiable. It has a charac- 
teristic pungent odour and causes irritation to the eyes and mucous membranes. 
The remarkable solubility of ammonia in water is demonstrated by the ‘fountain 
experiment’ shown in Fig. 10.10. 

In this experiment a flask is filled with ammonia gas and closed with a cork 
carrying a straight glass tube. The lower end of the tube dips into a beaker of 
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~ Metal ring support 


Fig. 10.10 The ‘fountain’ experiment demonstrating the solubility of 
ammonia in water 


water to which a little phenolphthalein indicator has been added. As the 
ammonia dissolves, the pressure inside the flask is reduced and a ‘fountain’ 
sprays from the jet as more water enters. The alkaline nature of the aqueous 
ammonia produced causes the phenolphthalein to turn red. , 

(ii) Combustion. Ammonia will burn in oxygen with a yellowish flame, forming 
nitrogen and water vapour: 


4NH 38-3044 > 2Na t 6H;0,, 


In the presence of a platinum catalyst, ammonia is oxidized by oxygen of the air 
to form nitrogen monoxide (nitric oxide): 


reduced to copper: 
3C! * OG 2NH,, + 3Cu, -3H;0,, - N3,; 
Ammonia is also oxidized to nitrogen by chlorine: 
3C, -2NH,, > N344-6HCl,, 
6HCI,, +6NH ypy = 6NH; Cl; 
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form hydrogen bonds with water molecules, and some dissociate to form 
ammonium ions (NH; ) and hydroxide ions (OH ~) according to the following 
equilibrium reaction : 
NH yy +H20q = NH2,, + OH 
(i) Because of the presence of these hydroxide ions aqueous ammonia acts as 
an alkali, producing ammonium salts with acids. For example: 
2NHiiaq)+ 2OH G4) + Hj SOZ;,) + (NH; ),502,, -2H;0, 
(ii) It precipitates the hydroxides of most metals. For example: 
Fei + 20H gy) — Fe? * (OH “Jaw 
(iii) It forms soluble ammines with copper(it) ions and with zinc ions. (The 


hydroxides of these metals will therefore dissolve in excess aqueous ammonia, 
see Unit 9.) Copper(u) gives the deep royal-blue tetra-ammine-copper(u) ion: 


Cui, +4NH 549) > Cu(NH;)3 
Zinc gives the colourless tetra-ammine-zinc ion: 


Znji, ANHyu, > Zi(NH Iss 


(d) Tests for Ammonia 
Ammonia can often be detected by its characteristic odour. The gas produces 
dense white fumes of ammonium chloride with hydrogen chloride: 


NH; HCl, - NH; Cl; 
Also, it is the only common alkaline gas. 


(e) Uses of Ammonia and Ammonium Compounds 
Ammonia gas is used in the manufacture of nitric acid; liquid ammonia is 
used as a refrigerant. Ammonium sulphate, ammonium nitrate and 
ammonium phosphate can be obtained from ammonia for use as ‘artificial’ 
fertilizers. 

Urea is manufactured from ammonia and can be used as a fertilizer and in the 
manufacture of plastics. Ammonia is also used in the manufacture of nylon and 
as a constituent of proprietary household cleaners. 


10.27 Nitric Acid, HNO; 

Nitric acid is a colourless liquid when pure; there is, however, often a yellowish 
coloration due to dissolved nitrogen dioxide formed when sunlight causes 
slight decomposition. Chemically it acts both as an acid and as an oxidizing 
agent. 


(a) Preparation 
Nitric acid is manufactured by the catalytic oxidation of ammonia gas (sce 
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Unit 14). In the laboratory it can be prepared by warming sodium nitrate or 
potassium nitrate with concentrated sulphuric acid: 

NO; -H;SO,4 + HSO; + HNO,,,, 


The nitric acid distils over and is collected in a water-cooled receiver (see Fig. 
10.11). 


Sodium 5S 
nitrate 


and concentrated Sink 
sulphuric ocid Ll 
Nitric acid 


Fig. 10.11 Laboratory preparation of nitric acid 


Because concentrated nitric acid attacks rubber and plastics, the preparation 
is carried out in an all-glass apparatus. 

The flask fills with brown fumes of nitrogen dioxide produced by the 
decomposition of some of the nitric acid during distillation: 


4HNO; + 4NO;, -2H;0, 4-0; 


The concentrated nitric acid obtained is yellow owing to the presence of 
dissolved nitrogen dioxide. 


(b) Properties of Nitric Acid as an Acid 
(i) A dilute aqueous solution of nitric acid behaves as a strong monobasic acid: 


HNO;4-H;O( st HOgy + NO; 


It forms only one series of salts, called nitrates. It will neutralize a base (e.g. 
sodium hydroxide) forming a salt and water only: 


H*NOj4,-Na*OH., > Na*NO;,, + H50, 
(ii) It reacts with carbonates and hydrogencarbonates producing carbon 
dioxide. For example, with sodium hydrogencarbonate: 
H*NOsiq)+Na*HCOx, > Nat NO5,, 4-CO;, - H0, 


k (iii) In general it does not react with metals to liberate hydrogen. This is because 
it Is a powerful oxidizing agent, even in aqueous solution. (Its reaction with 
magnesium, however, does give hydrogen, as explained in Section 9.10.) 


q 
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(c) Properties of Nitric Acid as an Oxidizing Agent 


(i) Reaction with metals. Moderately concentrated nitric acid reacts with 
most metals to form the nitrate, nitrogen monoxide and water. With copper, 
for example: 


3Cu,, +8H* NO54, > 3Cu?* (N05);44-2NO, 4-4H 204 


Using concentrated nitric acid, nitrogen dioxide is produced together with the 
metal nitrate and water: 


Cu, --4HNO,,7* Cu** (NOS) 20) -2NO (+ 2H;09 


Both iron and aluminium are rendered ‘passive’ by concentrated nitric acid, 
i.e. a thin impervious oxide layer is formed which prevents further reaction. 


(i) Reaction with non-metals. Warm concentrated nitric acid oxidizes 
sulphur to sulphuric acid and carbon to carbon dioxide, brown fumes of 
nitrogen dioxide being produced in each case: 


Se + 6HNO3q) > H7 $03 iq) 6NO; -2H;0 
Cy +4HNO3m ^ CO; +4NO2(_)+2H20,) 


(iii) Other oxidizing reactions. Concentrated nitric acid oxidizes an acidified 
solution of an iron(it) salt to an iron(m) salt: 


3Fe?* Cl, -3H *Clo, +HNOsq  3Fe? *Clsag- NOq-2H209 


(d) Uses of Nitric Acid 

Nitric acid is widely used throughout the chemical industry. It is important in 
the manufacture of nitrogenous fertilizers such as ammonium nitrate, and 
explosives such as TNT and nitroglycerine (methyl-2,4,6-trinitrobenzene and 
propane-1,2,3,-triyl trinitrate, respectively). 


10.28 Nitrates 


Nitrates of metals high in the electrochemical series (e.g. sodium and potass- 
ium) decompose on heating to give the corresponding nitrite and oxygen: 
2Na* NO, > 2Na* NO; O3 


Most other nitrates give the metal oxide, nitrogen dioxide and oxygen. 
Notable examples are the nitrates of calcium, magnesium, zinc, lead(11) and 
copper(i). Thus blue-green copper(11) nitrate decomposes on heating and gives 
black copper(11) oxide: 

2Cu?* (N05); ^ 2Cv?* OQ 4NO (12i 


The nitrates of metals low in the electrochemical series (e.g. mercury and 
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silver) decompose on strong heatin, 


B to give the metal, nitrogen dioxide E 
oxygen: 


2Ag* NOS, > 2Ag,,) +2NO,,., FO» 


Ammonium nitrate decom 


poses into dinitrogen oxide (nitrous oxide) and 
water vapour: 


NH; NO;,, > N;0,4-2H;0,, 
This reaction is potentiall 


y dangerous since ammonium nitrate explodes on 
strong heating. 


10.29 Oxides of Nitrogen 


(a) Nitrogen Dioxide, NO, 
(i) Preparation 


This gas can be prepared in the laboratory by the action of heat on lead(u) 
nitrate: 


2Pb* (NO;).,, = 2Pb?* Q2. T4NO44 4-045 


Fig. 10.12 Laboratory preparation of nitrogen dioxide (dinitrogen 
tetroxide) 
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(ii) Properties 
Brown nitrogen dioxide gas exists in equilibrium with its dimer, dinitrogen 
tetroxide: 


2NO x4) = N204 


The percentage of each gas in the equilibrium mixture depends on the 
temperature. At low temperatures the percentage of dinitrogen tetroxide is high 
and the mixture is pale yellow in colour. As the temperature is increased the per- 
centage of nitrogen dioxide increases and the colour darkens until, at 150°C, the 
gas is entirely nitrogen dioxide and is almost black. 

The gas mixture is very soluble in water, producing an acid solution containing 
nitric acid and nitrous acid: 


2NO 9/4) +H20q) > H* NO Sag) +H* NO zag) 


Nitrogen dioxide supports the combustion of strongly burning materials such 
as phosphorus and magnesium: 


4Mg-2NO;, > 4Mg?* Ot -- Non 


(b) Nitrogen Monoxide, NO 

(i) Preparation 

Nitrogen monoxide (nitric oxide) can be prepared by the action of moderately 
concentrated nitric acid on copper: 


3Cu,, --8H* NOn > 3Cu^* (N05), 4,4 +2NOjq) +4H 20.) 


The gas can be collected over water so that nitrogen dioxide impurities will be 
dissolved. 

(ii) Properties 

Nitrogen monoxide is a colourless gas which rapidly turns brown on exposure 
to air or oxygen, owing to the formation of nitrogen dioxide: 


2NO 4-05 > 2NO; 

colourless brown 

A cold solution of iron(1) sulphate absorbs nitrogen monoxide, becoming 

dark brown in colour. This reaction is reversible, and pure nitrogen monoxide 

is liberated on warming the solution. The compound responsible for the dark- 
brown colour can be represented by the formula Fe? * S047. NO. 


10.30 Phosphorus and Some of its Compounds 


Phosphorus exhibits allotropy, i.e. it exists in several physically different but 
chemically identical forms. The two common forms are white phosphorus, which 
is in fact a yellowish waxy solid, and red phosphorus, a reddish powder. White 
phosphorus ignites spontaneously in air and is therefore stored under water. 
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Great care must be taken not to handle it with the fingers. Red phosphorus is much 
less reactive and can be safely stored in contact with the air. 


(a) Phosphorus(v) Oxide (phosphorus pentoxide) 
This compound is formed as a white solid when phosphorus burns in an excess 
of air or oxygen: 


Pew + 5034, > P.O} 046) 


White phosphorus exists as P, molecules with a tetrahedral structure, and the 
phosphorus(v) oxide exists as P,O,, molecules. 
Phosphorus(v) oxide reacts vigorously with water, forming phosphoric 
id: 


P,0;0,-6H;0,, - 4H} PO}; 


aq) 


Because of this affinity for water it is often used for drying gases which do not 
react with it. 


(b) Chlorides of 
Phosphorus trichloride (PCI,) is a typical covalent chloride of a non-metal. It is 


prepared by passing chlorine over white phosphorus in the absence of air and 
moisture: 


Pag 6C, > 4PClyq, 


The colourless liquid, fumes in Moist air and reacts readily with water to form 
Phosphonic acid (phosphorous acid): 
PCl3)+3H30q, > Hj PHO}, + 3H* Cl, 
Phosphorus pentachloride (PCI.) is obtained by the direct addition of chlorine 
to the ice-cold trichloride: 
PCl3qy+Claey) = PCI, 


Like the trichloride, phosphorus pentachloride is attacked by water. If the water 
I5 In excess, phosphoric acid results: 


PCls--4H,0, > Hi PO$,,--5H * Clas 
(c) Uses of Phosphorus 


Much of the phosphorus Produced is burned to phosphorus(v) oxide 
(phosphorus pentoxide) in order to Prepare pure phosphoric acid. The acid can 
be converted into phosphate fertilizers; however, as outlined in Unit 14, most of 
these are prepared directly from phosphate rock (calcium phosphate). 

Phosphates are used commercially in water softening, washing powders, 
baking powder and in dietary supplements. 


10.31 Carbon and Silicon (Group 4) 


The symbols, atomic numbers, electronic configurations and important physical 
properties of these two elements are given in Table 10.4. 
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Table 10.4 Physical properties of carbon and silicon 


Electronic Atomic Melting Boiling Density 

configuration number point (K) point (K) (kg m^?) 
Carbon (C) 24 6 - 5100 2300 
Silicon (Si) 2.84 14 1680 2628 2300 


Carbon and silicon are both non-metals with four electrons in their outer 
energy level. Both are characterized by their ability to form four covalent bonds, 
but their chemical properties are completely different. Carbon atoms readily 
form multiple covalent bonds with each other, resulting in long chains and rings 
(see Unit 11). The chemistry of silicon, however, is dominated by the silicon- 
oxygen covalent bond, as illustrated by the giant molecules of silicon(Iv) oxide 
(silica) and the silicones. 


10.32 Carbon Compounds 


A study of the compounds of carbon is called ‘organic chemistry' and is the 
subject of Units 11 and 12. In this Unit we shall deal only with the oxides and 
related compounds. 

The chemistry of carbon dioxide (CO;) is discussed in Unit 6 as one of the 
component gases of the air. 


10.33 Carbon Monoxide 


Carbon monoxide (CO) is not a normal component of the air, and its presence 
in atmospheric pollution is entirely due to human activity. It is present in the 
exhaust gases from internal combustion engines, and escapes from coal and 
coke fires when incomplete combustion occurs. It is a very poisonous gas, and 
particularly dangerous because it has no odour and causes drowsiness. (For 
this reason a car engine should never be run in a closed garage.) Carbon 
monoxide is poisonous because it reacts with the haemoglobin in the blood, 
forming ‘carboxyhaemoglobin’. The haemoglobin is no longer available to 
carry oxygen throughout the body, and death results from oxygen starvation. 
Carbon monoxide poisoning can be recognized by the cherry-red colour it 
imparts to the blood. 


(a) Laboratory Preparation 
(i) By the reduction of carbon dioxide with carbon. 
The complete combustion of carbon gives carbon dioxide: 
Co tOo > CO 
This carbon dioxide can react with more carbon at red heat to form carbon 


monoxide: 
C0;44- Cu) > 2CO is) 
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These reactions take place in a coke fire or when carbon dioxide is passed over 
red-hot carbon in a silica tube. 

(ii) By the dehydration of methanoic acid or ethanedioic acid with concentrated 
sulphuric acid 

Concentrated sulphuric acid is a powerful dehydrating agent (see Section 
10.22), and its action on methanoic acid (formic acid) removes the elements of 
water, releasing carbon monoxide: 


HCOOH,, —H;0,, + CO, 


j 
l 


18) 

In the laboratory preparation of carbon monoxide, solid sodium meth- 
anoate (sodium formate) is preferable to liquid methanoic acid which has a 
pungent smell and will blister the skin on contact. Concentrated sulphuric 
acid first liberates the more volatile methanoic acid from its salt and then 
dehydrates it: 


HCOO-^ Naj,-- H,S$044, ^ HCOOH p +Na* HSO ,, 
HCOOH,, — H;0,, > CO. 


If ethanedioic acid (oxalic acid) is used in place of methanoic acid, the 
product is a mixture of carbon monoxide and carbon dioxide: 


COOH 
| —H;0, + CO t+ CO; 
(s) 
The carbon dioxide is removed by passing the gases through sodium hydroxide 
solution: the carbon dioxide dissolves but the carbon monoxide is unaffected. 


(b) Properties 
(i) Carbon monoxide burns with a blue flame, forming carbon dioxide (the 
reaction is exothermic): 


2C04,4-05, > 2CO2,) 


(ii) It is a powerful reducing agent, being used in the reduction of certain heated 


metal oxides to the metal. Thus it plays an important role in the extraction of 
iron: 


Fe;O3--3CO,, > 3CO,,, + 2Feq) 


{in iron ore) 


10.34 Gaseous Fuels 


Fuels are substances that provide heat energy. They may be solid (e.g. coal or 
coke), liquid (e.g. petrol and oils) or gases (e.g. methane, hydrogen, carbon 
monoxide). Gaseous fuels are often preferred in industry because they are easily 


controlled during burning and can be piped to any locality. Some important fuel 
gases are discussed below. 
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(a) Water Gas and Producer Gas 

Carbon monoxide is an important ingredient of both water gas and producer gas, 
two gaseous fuels used in industry. When a blast of steam is forced through a 
white-hot bed of coke, hydrogen and carbon monoxide are produced in equal 
volumes: 


Cp) tH20 > CO HHz) 


Both gases will burn in air, producing heat. This mixture of gases is called water 
gas and is formed only when the coke is at white heat. 

The reaction is endothermic and the coke cools to about 1000°C after a few 
minutes. A blast of air is used to reheat the coke, forming producer gas by the 
exothermic reaction : 


2Co +020 t+4N219, > 2C0(-4N;( 


air 


Producer gas is a much less efficient fuel than water gas because it contains only 
one-third carbon monoxide (by volume) and is diluted by nitrogen of the air. 


(b) Coal Gas 

Coal gas is a mixture of gases produced when coal is destructively distilled in the 
absence of air. Its composition depends on the temperature of distillation and on 
the grade of coal; a typical analysis is given in Table 10.5. 


Table 10.5 Composition of coal gas 


Gas Percentage by volume 
Hydrogen 50 
Methane 35 
Carbon monoxide 7 
Nitrogen 5 
Other hydrocarbon gases 3 


The destructive distillation of coal can be illustrated using the apparatus shown 
in Fig. 10.13. I 

After heating, coke remains in tube A. A brownish-yellow liquid with a black 
oil (tar) is seen in the cooled tube B. The brownish-yellow liquid is aqueous 
ammonia and the black oil (tar) contains a variety of important organic com- 
pounds. Coal gas is collected in the gas jar C. 

Before coal gas is used as a fuel, the tar, ammonia and sulphur compounds 
(particularly hydrogen sulphide) must be removed. 


(c) Natural Gas 

Until the discovery of large natural-gas fields in the Sahara and beneath the 
North Sea, the most important domestic fuel gas in Great Britain was town gas 
(coal gas with various additions). Now the most important fuel gas is natural gas, 


252 Success in Chemistry 


ammonia — 
and tar 


Fig. 10.13 Destructive distillation of coal in the laboratory: this experiment 
Shows the principles underlying the manufacture of coal gas 


composed of almost pure methane (CH4). In the United States and Canada | 
natural gas has been used as a major industrial and domestic fuel for many years. 

Natural gas burns with a hot blue flame and is the cleanest and most efficient 
of all fuel gases. Its heat value is considerably higher than that of water gas or 
town gas. 


10.35 Silicon and Silicon(iv) Oxide 


Silicon occurs abundantly in the earth's crust as the oxide SiO, (silica) and as 
silicates in rocks and clays. The chemistry of silicon is characterized by its 
ability to form covalent Silicon-oxygen bonds. In the giant covalent silicon(IV) 
oxide molecule, each silicon atom is covalently bonded to four oxygen atoms (see 
Fig. 10.14). 


Silicon(IV) oxide AN 
/hnhNN 
/ M 
| | | / 90 N 
: i 1 x 
t$ —0—$i— 0-— I —9-—— d l \ 
| | | y o M 
9 9 9 4 — 4 | ^ 
| | Bem Y P d 
TOSS 92— 959 gg 
| 2 s Tetrahedral 
| arrangement of 
ie) [9] fe) silicon atoms in 


| the molecule 


Fig. 10.14 Molecular Structure of silicon(1v) oxide (silica) 


This results in an extremely hard and stable compound existing in a number 
of different crystalline forms, the most common of which is quartz. Sand is 
mainly impure Silicon(iv) oxide. 
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10.36 Silicones 


Since silicon and carbon occur in the same group in the periodic table, it might 
be expected that silicon would form complex structures corresponding to the 
‘polymeric’ carbon compounds described in Unit 11. This is partly true, but 
unlike carbon, which can form multiple carbon-carbon bonds, silicon tends to 
form stable silicon-oxygen multiple bonds as shown in the silicon(1v) oxide 
molecule (Fig. 10.14). Also unlike carbon, silicon compounds can exist with two 
hydroxyl groups attached to the same silicon atom: 
CH; 


HO—Si— OH 
| 
CH; 
Molecules of this type are able to polymerize (join together to form larger 
molecules) by eliminating the elements of water (see Unit 11): 
CH; CH; CH; CH; 


H:0—Si—OH H:0—Si—OH H:0—Si—0H H:0—Si— OH 
oe” tee eet” | tenth | LP "eese 


CH; CH; CH; CH; 


CH, CH, CH, CH; 


| | | 
0—Si—O—Si—O—Si—O—Si—O 
| | 


| 
CH, CH, CH, CH 4-nH,0 


Polymeric silicon molecules like that shown above, together with those which 
can be produced with cross-linking like that shown below, are called silicones. 


eoru 
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ls, | | CH; 
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( Part of a silicone with cross-linking) 
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Silicones can be oils or rubbery solids, according to the length of the polymer 
chain and the degree of cross-linking. Because of their ability to withstand heat 
and retain their lubricating properties even under very cold conditions, they are 
used as high- and low-temperature lubricants. In addition, they find widespread 
applications in electrical insulation, water-repellent finishes and in heat-resisting 
resins and lacquers. 


10.37 Glass 


‘Soda glass’ or ordinary ‘soft’ glass is prepared from sand (silicon(tv) oxide), 
limestone and sodium carbonate. When these ingredients are heated strongly 
they fuse (melt), forming a transparent liquid mixture of sodium silicate, 
calcium silicate and silicon(1v) oxide (silica). The transparent mixture known 
as soft glass does not crystallize on cooling but hardens into a transparent 
solid. Molten 'glass' can be blown or shaped into any desired form. 

The addition of appropriate metal oxides during manufacture gives colour 
to the glass. Cobalt(11) oxide, for example produces a deep-blue colour. 

‘Pyrex’ glass is made by fusing silicon(iv) oxide (sand), disodium tetra- | 
borate-10-water (borax) and aluminium oxide. The glass produced can with- — 
stand wide temperature variations because of its small coefficient of expan- | 
sion, and is therefore widely used in ovenware and laboratory glassware. 


Summary of Unit 10 


1. Most non-metals are gases consisting of separate covalently bonded diatomic 
molecules with only weak attractive forces between them. Such a structure 
accounts for their low electrical and thermal conductivity. : 

2. Non-metals readily gain electrons to form anions. They also form acidic 
oxides. 

3. Members of the halogen family each have seven electrons in their outermost 
energy level, and react by accepting an electron to become the anion X ". 

4. Fluorine is a stronger electron acceptor than any other element. The other 
halogens are strong electron acceptors, the ease of acceptance decreasing as 
the atomic number increases. 

5. The halogens are powerful oxidizing agents; the order of oxidizing ability is 
fluorine > chlorine > bromine > iodine. 

6. Halogens are prepared by the removal of electrons from halide ions. In the 
case of fluorine such removal of electrons requires an electrolytic process, 
Whereas the other halogens are liberated by chemical methods. 

7. Chemical reactivity of the halogens is usually associated with the formation 
of the halide ion, 

8. The halogen hydrides are gases (hydrogen fluoride boils at 19°C) and their 
aqueous solutions are acidic. 

9. Hydrogen can be obtained from water, acids or alkalis. 


- Pure hydrogen burns quietly with a blue flame, but forms explosive mixtures 
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with oxygen or air. It is a reducing agent. Reaction with non-metals produces 
the appropriate hydride. 


. Oxygen and sulphur are elements in Group 6, having six electrons in their 


outer energy level. They form both ionic and covalent bonds. 


. Oxidation can be defined in terms of oxygen gain, hydrogen loss, a loss of 


electrons or an increase in oxidation number. Reduction is the converse of 
oxidation. 


. Sulphur is an allotropic element. 
. Hydrogen sulphide has a characteristic odour and is a reducing agent. 
. The two common oxides of sulphur are sulphur dioxide (SO;) and sulphur 


trioxide (SO;). 


. Sulphur dioxide is the anhydride of sulphurous acid. Both the gas and the 


acid have reducing properties. 


. Sulphur trioxide (sulphur(vr) oxide) is the anhydride of sulphuric acid. 
. Sulphuric acid has the following properties: 


(a) it is an acid in dilute solution 
(b) it is an oxidizing agent when hot and concentrated 
(c) it is a dehydrating agent when concentrated. 


. Sulphuric acid is used in the preparation of the more volatile acids. — 
. Nitrogen and phosphorus are elements in Group 5, having five electrons in 


their outer energy level. 


. Ammonia (NH;) is the most important hydride of nitrogen. It is a reducing 


agent. 


. Ammonia dissolves readily in water; its solution, aqueous ammonia, is an 


alkali. 


. Nitric acid acts both as an acid and as an oxidizing agent. J 
. Common oxides of nitrogen include nitrogen dioxide (NO»), nitrogen 


monoxide (nitric oxide, NO) and dinitrogen oxide (nitrous oxide, N20). 


. Phosphorus is an allotropic element. À ) 
. Phosphorus forms an extremely reactive acidic oxide (phosphorus(v) oxide, 


phosphorus pentoxide) and two chlorides (phosphorus pentachloride and 
phosphorus trichloride). 


. Carbon and silicon are elements in Group 4, having four electrons in their 


outer energy level. Both form strong covalent bonds. 


. Diamond and graphite are allotropic forms of carbon. 
. Carbon dioxide is the product of complete combustion of carbon, whereas 


carbon monoxide is produced by the incomplete combustion of carbon. 


. Carbon monoxide is a powerful reducing agent. It is a main constituent of 


water gas and producer gas, two important gaseous fuels. 


. Coal gas and natural gas are two other important gaseous fuels. A 
. Silicon forms covalent bonds with oxygen in the giant covalent silicon(1v) 


oxide (silica) molecule and also in silicones. 


. Glass is produced from silicon(1v) oxide. 
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Test Yourself on Unit 10 


1. You are provided with the following chemicals: copper, manganese(tv) oxide, 
sulphuric acid, sodium hydroxide, ammonium chloride. 
Which of these would you mix together (heating if necessary) to prepare: 
(a) hydrogen chloride 
(b) chlorine 
(c) ammonia 
(d) sulphur dioxide? 
Write an equation for each preparation. 


2. This question refers to the halogens (fluorine, chlorine, bromine and iodine), 
(a) Bromine has an atomic number of 35. Give its electronic configuration. 
(b) Which halogen has the lowest boiling point? 

(c) Which halogen is the most powerful oxidizing agent? 

(d) Name the compound formed when chlorine reacts with iron. 

(e) Write an electronic equation showing the formation of a fluoride ion from | 
a fluorine atom. Is this an oxidation or a reduction process? 1 | 
(/) Which halogen exists as a liquid at room temperature and atmospheric 
pressure? | 


(s) Which of these halogens has the largest number of electrons in the neutral | 
atom? 


3. Sulphuric acid can act as (i) an acid, (ii) an oxidizing agent, and (iii) a 
dehydrating agent. In which of these ways is it reacting when: l 
(a) Sugar blackens and swells, becoming hot and liberating steam. 
(b) Sulphur is converted to sulphur dioxide. 
(c) Blue copper(1) sulphate crystals turn white. 
(d) Carbon dioxide is liberated from a carbonate. 
(e) Warmed with Copper, sulphur dioxide is liberated. 
4. Name: 


(a) The nitrogen-containing compound formed when calcium hydroxide is 
warmed with ammonium chloride. 

(6) The white solid formed when sulphur dioxide and oxygen are passed over 
a heated catalyst and the Product is cooled. 

(c) The white fumes Produced when Phosphorus burns in oxygen. 

(d) The colourless gas obtained when Concentrated sulphuric acid is added to 
sodium methanoate (sodium formate). 


5. Compounds A, B and C are all white crystalline sodium salts. 


(a) A solution of A reacts with Silver nitrate solution to give a yellow precipi- 


tate (D), which is insoluble in dilute nitric acid. An aqueous solution of A 
Teacts with chlorine dissolved in tetrachloromethane (carbon tetrachloride) 
to give a purple coloration. 


(b) B reacts with warm dilute hydrochloric 
smelling colourless gas (E), 
from orange to green. 


acid to liberate a pungent- 
Which turns acidified dichromate(v1) solution 
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(c) C reacts with dilute hydrochloric acid to liberate an unpleasant-smelling 
gas (F), which blackens a filter paper soaked in lead(11) ethanoate (lead acetate) 
solution. 
Identify the sodium salts A, B and C, and the products D, E and F, whose 
reactions are described above. 


6. State whether each of the following statements is true or false: 
(a) Sulphur is an allotropic element. 
(b) Silicon forms multiple silicon-oxygen bonds in both silicon(rv) oxide and 
silicones. 
(c) All non-metals are gases. 
(d) All non-metals are held together by weak attractive van der Waals’ forces. 
(e) Oxidation is defined as an increase in oxidation number. 
(f) Ammonia forms a deep-blue ammine with Cu?* ions. 
(g) All metal nitrates yield the metal oxide, nitrogen dioxide and oxygen 
on heating. 
(h) Water gas and producer gas are gaseous fuels containing carbon 
monoxide. 
(i) Chlorine is absorbed by sodium hydroxide solution. 


Mark this test out of 40 with the answers given on page 379. 


Unit Eleven 


Classification of Matter IV: Organic 
Chemistry—The Chemistry of Carbon 


CARBON 
and its 
covalency 


Alcohols and some 
related compounds 


The term ‘organic’ chemistry was originally confined to a study of those 
compounds of carbon which occurred in living organisms. However, in 1828 a 
German chemist, Friedrich Wöhler, synthesized the organic compound urea - 
from the non-living ‘inorganic’ substance ammonium cyanate, and so the mean- 
ing of organic chemistry has had to be extended to include the compounds of 
carbon whether or not they occur in living organisms. A few carbon compounds 
such as carbon dioxide and the carbonates have been described in previous Units 
and are not usually studied as part of organic chemistry. 

Because of the unique ability of carbon atoms to bond covalently in chains and 
rings, there is an enormous number of different organic compounds. Indeed the 
compounds containing carbon outnumber those that do not. 

This Unit looks at petroleum, a major source of the hydrocarbons (compounds 
containing carbon and hydrogen only). It begins to classify these hydrocarbons 
according to their structure and properties and finally describes some other 
simple but important organic compounds. 

Attempts are made throughout Units 11 and 12 to illustrate the shape of 
organic molecules. For a more complete picture, three-dimensional molecular 
models would greatly assist an appreciation of the spatial arrangement of the 
atoms within the molecule. These may be constructed with polystyrene balls and 
pipe-cleaners or cocktail-sticks. 
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11.1 Covalency of Carbon 


A carbon atom contains four electrons in its outer energy level and can form four 
covalent bonds by sharing with four electrons from other atoms. The carbon atom 
thus has a share in eight electrons and attains the stable configuration of the 
noble gas neon. Each covalent bond is formed by the sharing of a pair of 
electrons and is directed in space (see Fig. 11.1). 


(a) Carbon-Hydrogen Covalent Bonds 

As described in Unit 2, methane (CH,) contains four carbon-hydrogen covalent 
bonds directed towards the corners of a regular tetrahedron. In this molecule each 
of the four carbon electrons forms an electron-pair covalent bond with the four 
electrons of four hydrogen atoms: 


H 
H 
oo +4H*> HLH or  H—C—H 
H H 


Each atom thus attains a noble-gas electronic configuration, and the resulting 
molecule is very stable. 

The above ‘dot-and-cross’ representation for methane does not give any indica- 
tion of the three-dimensional shape of the molecule. Fig. 11.1 shows three ways 
in which the spatial arrangement of the atoms in methane can be represented. 


(o)'Ball-and- stick' model (b) Simple tetrahedral arrangement (c) Charge -cloud model 


Fig.11.1 Three methods of representing the molecular structure of 
methane CH, 


(b) Carbon-Carbon Covalent Single Bonds 

Carbon can also form strong covalent bonds with other carbon atoms. This is the 
unique property of carbon which is fundamental to its chemistry. The ethane 
molecule (C;H,) contains one carbon-carbon single covalent bond and six 
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carbon-hydrogen covalent bonds. Fig. 11.2 shows a ‘dot-and-cross’ representa- 
tion and a spatial arrangement of the ethane molecule. 


H 
(a) ‘Dot-and-cross’ (b) Model showing tetrahedral 
representation arrangement of atoms 


Fig. 11.2 Molecular structure of ethane C,H. 


There is seemingly no limit to the number of carbon atoms which can link up to 
form carbon chains. For example, Fig. 11.3 shows three carbon atoms linked 
together in a molecule of the hydrocarbon propane (CjHg) and nine in the 
hydrocarbon nonane (CH). 


(a) Propane showing tetrahedral arrangement of atoms 


H H H H H H H 
H 
MN YYYY Yy 
HAN SH 40909 
ld / 2 
fN oh wy oye 
(b) Propane (c) Nonane 


Fig. 11.3 The hydrocarbons propane C3Hg and nonane C4H 59 


In Figs. 11.35 and 11.3c the tetrahedral outline of the carbon atoms has been 
omitted for ease of drawing, but the three-dimensional configuration of the 
molecule and the fact that the carbon chain is not straight should still be apparent. 
For even greater convenience it is often sufficient to represent carbon chains in 
only two dimensions: thus the formula of propane may be written as 


H HH 


H—C—C—C—H 


It must be borne in mind, however, that this is much further from a true picture 
than the structures shown in Fig. 11.3. 
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The structures of hydrocarbon compounds are not restricted to ‘straight’ 
chains of carbon atoms. Rings and branched chains often occur, as shown in 
Fig. 11.4. 


2- methylpropane Cyclohexane 


Fig.11.4 Alternative representations of (left) a branched-chain 
hydrocarbon and (right) a ring hydrocarbon 


(c) Carbon-Carbon Covalent Double Bonds À 

The carbon-carbon bonds described so far are formed by the sharing of two 
electrons. In the ethene (ethylene) molecule, C,H,, there are four electrons 
shared between the two carbon atoms, two electrons being provided by each 
atom. This can be represented as 


H,o ,H 
3:03 
HoH 


or simply as 


All the atoms in the molecule attain a noble-gas structure. In this case there are 
two pairs of electrons and hence two covalent bonds between the two carbon 
atoms. This is a carbon-carbon double bond. The presence of such a double bond 
results in a planar (flat) structure (Fig. 11.5). 
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Fig. 11.5 Molecular structure of ethene C. 2H: all six atoms lie in the same 
plane 


(d) Carbon-Carbon Covalent Triple Bonds 

The sharing of three pairs of electrons between two carbon atoms results in the 
formation of a carbon-carbon triple bond, as illustrated in the ethyne 
(acetylene) molecule C,H): 


HiCÍCH or  H—C-C-H. 


This molecule is linear, with all four atoms in a straight line. 


(e) Carbon-Oxygen Covalent Bonds 
Oxygen, having six electrons in its outer energy level, must share with two 
electrons of other atoms (or atom) to gain a stable noble-gas structure. Thus 
oxygen will form two electron-pair covalent bonds, either two single (as in 
methanol) or one double (as in propanone). 

Methanol (methyl alcohol) CH4OH has a structure which can be represented as 


H 
Bi | 
xC°O: ata H—C—O 
HH M 

H H 


Propanone (acetone) CH3COCH, has a structure containing a double covalent 
carbon-oxygen bond 


H oH 
X | | 
H:CSCSCH or H—C—C—C- H 
H Q.H | 5 
H OH 


() Other Elements which Bond Covalently with Carbon 
Nitrogen has five electrons in its outer energy level, and the halogens have seven. 
Nitrogen requires three more electrons to form a noble-gas configuration, and the 
halogens require one. Thus nitrogen will form three covalent bonds and the 
halogens a single covalent bond. For example: 

®© Methylamine CH3NH, contains a carbon-nitrogen single bond 
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OX ++ 
HiC*N;H or  H—C-N-H 
HH 


Gi) Trichloromethane (chloroform) CHCl, contains three carbon-chlorine 
single covalent bonds 


11.2 The Alkanes 


Organic compounds containing only carbon and hydrogen are called Aydro- 
carbons. These compounds can be further classified according to their varying 
structures. The alkanes (also known as paraffins) are those hydrocarbons which 
contain only carbon-carbon covalent single bonds. Table 11.1 lists the names 
and molecular formulas for the first ten alkanes. 


Table 11.1 The alkanes 


Methane CH, 

Ethane C,Hs 

Propane C,Hg 

Butane C4Hi0 
Pentane C;H;; 
Hexane CoHi4 
Heptane C;H;s 
Octane CeHis 
Nonane CoH20 
Decane C,oH5; 


Alkanes are not normally prepared in the laboratory because they are easily 
obtained on a large scale from petroleum or, in the case of methane, from natural 
gas. 


(a) General Formula 

The alkanes have a general formula C,H2,42 where n i 
atoms in the molecule. For example, when n is 3, (2n+-2) = 
formula C,H; (propane). 


s the number of carbon 
8and the alkane hasa 


(b) Structure 

The structure of methane and eth 
in Figs. 11.1 and 11.2. In all the alkanes the distributio: 
carbon atom is tetrahedral. 


ane has already been discussed and is illustrated 
n of bonds around each 
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(c) Isomerism 

It is found that there are two different alkanes having the molecular formula 
C,H;,: one boiling at —0-5°C, the other at — 11:7 °C. This is because there are 
two, and only two, ways in which the carbon atoms can combine with one 
another: they must join up either in a straight chain or in a branched chain (see 
Fig. 11.6). 


Ho H 
a 
ue CN 
H 
or 
or 
ny Cory y 
H-C-C-C-C-H H-C—C— C-H 
UT EAT i | i 
HHHH HOCH 
H 


Fig. 11.6 Structures of the two alkanes having the same molecular 
formula C,H,6 


These two compounds having the same molecular formula are described as 
isomers. All the alkanes containing four or more carbon atoms exist in isomeric 
forms. The more carbon atoms in the molecule, the greater the number of 


isomers possible. It thus becomes clearer why there is such an enormous number 
of organic compounds. 


(d) Nomenclature 

The names of all the alkanes end with the suffix -ane, e.g. methane, ethane, pro- 
pane, butane. With the exception of the first four members of the series (i.e. the 
four listed above) the names of. thealkanes begin with a Greek prefix indicating the 
number of carbon atoms in the main chain, e.g. pentane (five carbon atoms), 
hexane (six), octane (eight). 

Hydrocarbons containing simple substituents, e.g. a halogen or a hydroxyl 
group, and branched-chain hydrocarbons are named according to the following 
System. 

First, select the longest continuous chain of carbon atoms in the molecule and 
use this to deduce the parent name of the compound. 

Secondly, number the carbon atoms of this chain so that the substituents are 
attached to the carbon atoms having the lowest number. 


Finally, name the substituent and write down the name of the compound as one 
word. 
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Example (i). We have already seen that the molecular formula C,H, can apply 
to two different structures, as illustrated in Fig. 11.6. The first of these is 


HHHH 
Ie i 
H—Cpre 2 Us| 


H CHUGH. 


The longest carbon chain has four atoms, so the parent name is butane. As there 
are no substituents it is unnecessary to number the carbon atoms, hence the name 
of the compound is simply butane. 

The other isomer of C4H jo is 


The longest carbon chain here has only three atoms, so the parent name is 
propane. On the central carbon atom in the longest chain there is a methyl (CH3) 
substituent. Whichever way we number the chain, the carbon atom to which the 
substituent is attached is number 2. Hence the name of the compound is 
2-methylpropane. 


Example (ii). The molecular formula C,H,Br, can apply to two different struc- 
tures. One is 


H Br 
MN 
H—C2— CBr 
[Peal 
H H 


The longest carbon chain has two atoms, so the parent name is ethane. Two 
bromine substituents are located on one of the carbon atoms: this carbon is given 
the lowest number possible, i.e. 1. So the name of the compound is 1,1-dibromo- 
ethane (1,1- indicates that both bromine atoms are attached to the same 
carbon atom). 

The other isomer of C; H,Br; is 


Br Br 


| 
H—C'—C?_H 


H H 
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Again the longest carbon chain has two atoms, so the parent name is ethane. 
Whichever way they are numbered, there is a bromine substituent on carbon atom 
number | and on carbon atom number 2. Hence the name of the compound is 
1,2-dibromoethane. 


(e) Homologous Series 

The alkanes listed in Table 11.1 differ from each other by —CH,—. Thus 
methane CH, differs from ethane C,H, by —CH,—, and ethane in turn differs 
from propane C;,H, by —CH,—. Such a series of compounds is called a 
homologous series. 

The members of a homologous series have similar chemical properties and 
show a distinct gradation in physical properties. Thus the melting and boiling 
points of the alkanes increase as the number of carbon atoms increases. Because 
they have similar chemical properties, a knowledge of the properties of one 


member of a homologous series enables the properties of another member to be 
predicted. 


(/) Functional Groups 

A functional group is a part of a compound which has a characteristic set of 
properties. Thus when a bromine atom replaces a hydrogen atom in an alkane, 
it imparts to the compound new chemical and physical properties. Six important 
functional groups are listed in Table 11.2. 


Table 11.2 Functional groups 


Name Structural Abbreviated 
formula formula 
Chloro- —G —cl 
Bromo- —Br Bn 
Iodo- a =F 
Hydroxy- EN. —OH 
[9] 
4 
Carboxy- AN —COOH 
o 
| 
H 
H 
Ami 4 
mino- CN —NH, 
H 
(2) Alkyl Groups 


A group formed by the removal of a hydrogen atom from a hydrocarbon is called 
an alkyl group. These gr oups do not exist on their own but are always attached to 
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another atom or group. Alkyl groups are named by removing the ending -ane 
from the parent alkane and replacing it with -y/. Thus the alkyl group from 
methane (CH,) is methyl (CH4—), and that from propane (C3H,) is propyl 
(C3H;—). 


11.3 Properties of Alkanes 


Compounds which contain only covalent single bonds are said to be saturated. 
The alkanes contain only carbon-carbon and carbon-hydrogen single bonds and 
are therefore saturated hydrocarbons. As they have no functional groups they are 
not very reactive. 

The simplest members of the alkanes are colourless gases; the higher members 
are colourless liquids or waxy solids (e.g. paraffin wax is a mixture of alkanes). 

Alkanes burn readily in air, combining with oxygen to produce carbon dioxide, 
water vapour and large quantities of heat. 


CH gq) + 502%) — 3CO ng) + 4H20 (AH = —2058 kJ mol) 


For this reason they are widely used as fuels. 


Substitution reactions. For a chemical reaction to occur, bonds must be broken. 
In alkanes the carbon-hydrogen bonds are weaker than the carbon-carbon 
bonds, and for this reason replacement of a hydrogen atom or atoms by some 
other functional group is to be expected. This type of reaction is called a 
substitution. 


Experiment 11.1 Substitution of bromine in hexane 

A sample of hexane (C,H,,) is placed in a boiling tube and to it is added some 
bromine dissolved in tetrachloromethane (carbon tetrachloride). The tube is 
stoppered, and the mixture shaken and allowed to stand. At first there is no 
change and the red coloration due to bromine is clearly visible. After a while the 
red colour begins to fade and the pungent smell of hydrogen bromide gas can be 
detected when the stopper is removed. The presence of this acid gas is further 
demonstrated if moist Universal indicator paper is held in the vapour inside 
the tube. 

The bromine is substituted for hydrogen atoms in hexane, producing bromo- 
hexane and hydrogen bromide: 

CoH aq t+Br2 > CoH: 3Brqy +HBrie 
(in CCL) 
Further substitution may take place as more hydrogen atoms are replaced by 
bromine. 

The rate of this type of reaction is increased when energy, in the form of heat or 
sunlight, is supplied. This can be demonstrated by exposing the reaction mixture 
of bromine and hexane to the radiation from a tungsten or ultra-violet lamp: the 
colour of the bromine is then found to disappear much more rapidly. 
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11.4 Petroleum 


Crude oil or petroleum is a complex mixture of hydrocarbons. It may contain 
sulphur and appreciable amounts of other substances. This oil was formed 
millions of years ago by bacterial action on microscopic organisms living in seas. 
It accumulated first as droplets widely dispersed in porous rock layers, usually 
together with water and gas. Gradually the oil and gas rose through the porous 
rock and much of it escaped. However, some was caught in faults and anticlines 
where layers of porous rock were covered by layers of impervious (non-porous) 
rock, as shown in Fig. 11.7. 


Land surface 


MHRA 


E EXE DE aae cee a EE EES 


(a) (b) 
Fig. 11.7 Oil traps: (a) an anticline, (b) a fault 


The gas and petroleum can be extracted by drilling a hole through the cap rock 
into the deposit. Natural gas confined by the impervious rock may collect under 
great pressure, and this compressed gas is often sufficient to force the oil up to the 
surface. As the pressure diminishes the oil is recovered by pumping. 

Rich oil deposits are found in the Middle East, the United States, Canada, 
Mexico, Venezuela and under the North Sea. 


11.5 Refining Petroleum 


(a) Fractionation 

The oil industry takes crude petroleum and separates it into ‘fractions’ having 
different boiling points. This is accomplished by the process of fractional distil- 
lation (see Section 1.5). 

In the laboratory this fractionation of crude oil may be illustrated by using the 
apparatus shown in Fig. 1.7. On an industrial scale the separation is carried out in 
vertical columns containing series of perforated horizontal trays (see Fig. 11.8). 

The crude oil is first heated so that all the fractions to be removed are 
vaporized. This mixture passes into a fractionating column which is divided 
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—> Petroleum gases 


Fractionating 
column 


Horizontal <T| 


trays 


—> Gasoline 


Bubble cap p. 
—> Kerosine 


—>Higher boiling fraction 


—> Residue 


Crude oil Heater 


Fig. 11.8 Industrial fractionation of crude oil 


horizontally by plates or trays. Each tray contains a number of ‘bubble caps’. 
These force the rising vapour through the liquid condensed on the tray causing a 
continuous process of condensation and re-evaporation. Consequently each tray 
contains a lower boiling-point fraction than the one below it. The different 
fractions are taken from the column as indicated in Fig. 11.8. 

No attempt is made in fractionation to separate the petroleum into individual 
hydrocarbons. The main fractions include: 

(i) petroleum gases, containing simple chain alkanes; 

(i) gasoline, a very volatile, low-boiling-point liquid containing hexanes, 
heptanes and octanes; 

(iii) naphtha, kerosine and other higher-boiling-point fractions, containing a 
mixture of complex hydrocarbons. 

In the modern world the demand for these different fractions varies. At the 
present time, with ever-increasing numbers of motor cars, the demand for gasoline 
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exceeds that which can be obtained solely by distillation. To increase the pro- 
portion of gasoline obtained from crude oil a process called cracking is employed 
to break large molecules of high-boiling-point hydrocarbons into smaller 
molecules of the more volatile gasoline fraction. 


(b) Cracking 

Cracking is the breaking of carbon-carbon or carbon-hydrogen bonds in large 
hydrocarbon molecules to produce smaller molecules of more simple hydro- 
carbons, together with hydrogen. In thermal cracking, crude oil is decomposed by 
heating to a high temperature under high pressure; in the more efficient 
catalytic cracking, a catalyst (e.g. a mixture of aluminium and silicon oxides) 
enables the decomposition to be carried out at lower temperatures and pressures. 
The product of cracking is a complex mixture of alkanes (e.g. hexane, C;H,4) 
and alkenes (e.g. ethene and propene). 


Experiment 11.2 Demonstration of the ‘cracking’ process 
The apparatus shown in Fig. 11.9 can be used to demonstrate the cracking of a 
number of different substances. 


Mineral wool Clamp 
Specimen 
{absorbed in 
mineral wool) 


Fig. 11.9 Apparatus used in the laboratory to demonstrate the ‘cracking’ 
of oil 


(i) When A is crude oil it is cracked by heating and passing the vapour over 
heated pumice stone located at B. The product collected at C is a mixture of 
alkanes and alkenes. These gases burn with a yellow flame. If bromine water is 
added to a further sample of these gases and the mixture shaken, the red-brown 
colour of the bromine water rapidly disappears. This immediate decolorization 
indicates the presence of an alkene, e.g. ethene, C,H. 

_ Gi) A similar experiment is performed using hexane as A in Fig. 11.9 and a 
silicon(Iv) oxide and aluminium oxide catalyst at B. Cracking the hexane 
ein produces a mixture of hydrocarbons, of which the major component is 
ethene. 

(iii) When A is ethanol, C,H;OH, B can be porous pot or pumice stone. 
Cracking of the ethanol vapour produces erhene. (This method can be used to 
prepare a sample of ethene in the laboratory.) 
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Petrochemicals. An oil refinery takes crude oil and from it produces gasoline, 
refinery gases, and other high-boiling-point fractions. It converts the less useful 
fractions into gasoline, ethene, propene and other basic materials used in the 
production of plastics, detergents, solvents, rubbers and an enormous variety of 
equally important compounds. In fact most areas in our technical society use 
petrochemicals in one form or another. 


11.6 Alkenes 


We have seen that two of the most important products of cracking are ethene 
(ethylene) C,H,, and propene (propylene) C3H,. Ethene and propene are the 
first two members of a homologous series of hydrocarbons called alkenes. The 
general formula for the alkenes is C,H;,, although the compound with n = 1 
(CH,) does not exist. 

Each of these compounds contains two pairs of electrons shared between two 
carbon atoms, i.e. a carbon-carbon double bond, as shown in Fig. 11.10. They 
are therefore described as unsaturated. (This is in contrast to the alkanes, which 
contain only single covalent bonds and are described as saturated.) 


Fig. 11.10 Molecular structure of ethene C,H, (left) compared with that 
of propene C4H, (right) 


Nomenclature of the alkenes. The presence of a double covalent bond in the 
alkenes is indicated by the suffix -ene in the name of each compound, while the 
position of the double bond is indicated by using the lowest number of the two 
carbon atoms joined by the double bond. Let us consider for example a molecule 


having the structure 
HH ae 


H—C!—C?-— C3—C^—C'—H 
| Ies 
H H H 
(i) The carbon chain contains a double bond; therefore the compound is an 
alkene. 


272 Success in Chemistry 


(ii) The longest carbon chain containing the double bond comprises five 
atoms; therefore the compound is a pentene. 

(iii) The double bond is situated between carbon atoms 2 and 3; therefore the 
compound is pent-2-ene. 

There is no necessity to number the position of the double bond in either ethene 


or propene H—C—C=C 


The structure 


O-C—C—H 
| 


H H 


is identical with the propene molecule shown above: it is merely drawn the other 
way round. 


11.7 Properties of Alkenes 


(a) Alkenes burn readily in air (as do the alkanes) producing carbon dioxide, 
water vapour and large quantities of heat. With ethene, for example: 

CHa + 30,4, 2CO,,, + 2H,0, (AH = —1329 kJ mol!) 
(Caution: mixtures of air and ethene can be explosive and must be handled very 
carefully.) 

(b) In other reactions the alkenes differ from the alkanes because of their 
double bond. Unlike the alkanes, alkenes, such as ethene, undergo a rapid 


reaction with bromine dissolved in tetrachloromethane (carbon tetrachloride), 
and the red-brown colour of the bromine quickly disappears: 


H H H 


[Fel 
C=C +Br,+H-C_C_H 


oe NBI | 
(8) 


Br Br 
ethene 


1,2-dibromoethane(1) 
This addition of bromine 


1 producing a compound containing two more atoms 
than were present in the 


original alkene is a typical reaction of unsaturated 
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hydrocarbons. Note that it is in complete contrast to the alkanes, which can only 
react by substitution. 

Many other reagents will undergo similar addition reactions with alkenes. 
Thus hydrogen in the presence of a finely divided nickel catalyst adds across the 
double bond of ethene to produce the saturated alkane, ethane: 


e fi HOH 
ickel RA 

tda Eg e E 
S catalyst | | 
ethene(g) ethane(g) 


A Test For Unsaturation 
A compound containing a carbon-carbon covalent double bond rapidly 
decolorizes a red-brown solution of bromine in tetrachloromethane (carbon 
tetrachloride). An alkyne, e.g. ethyne (acetylene) C;H;, containing a carbon- 
carbon triple bond reacts similarly. 

Alkanes react extremely slowly, decolorizing the bromine and liberating 
pungent hydrogen bromide gas (see Experiment 11.1). There is no liberation of 
hydrogen bromide with an alkene or an alkyne. 


11.8 Alcohols 


Analcohol may be considered as an alkane in which a hydrogen has been replaced 
by a hydroxyl (—OH) group. Table 11.3 gives the names and structural 
formulas of the four simplest alcohols. 


(a) Nomenclature 

An alcohol is named by replacing the final -e of the parent hydrocarbon with 
-ol. The position of each hydroxyl group is indicated by the number of the chain 
carbon àtom to which the hydroxyl group is attached. This number is placed 
before the suffix -o/ (see Table 11.3). No number is necessary for methanol or 
ethanol. 


(b) Isomerism 

Compounds which have the same molecular formula but different structural 
formulas are said to be isomeric. Thus propan-1-ol and propan-2-ol are two 
isomers, each having the molecular formula C;H,O. Methoxyethane (methyl 
ethyl ether) is also an isomer having this molecular formula, but it is not an 
alcohol. 


H H H H OHH ' ji H 
a w^ 
H—C—C—C—OH H—C—C—C—H c RE 
NP My ^e 
H H 
H H H H H H M eibi 


propan-l-ol propan-2-ol 
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Table 11.3 The alcohols 


Name Structural formula 
Methanol H 
H t [0] 
4 N 
H H 


Ethanol 
ano H HR T 
NI, UH 


Propan-1-ol 
M d b [0] 
OA Mn 
H—C p: b? 
H H 
Propan-2-ol H —H 
E / H 
L 
y “Hy 
H 


11.9 Ethanol 


Of all the alcohols the most important is ethanol, C,H,OH. Its presence in 
intoxicating beverages is well known: beers and wines contain up to 10% of 
ethanol, whereas spirits such as whisky contain about 40% by volume. Pure 
ethanol (absolute ethanol) is described as ‘200° proof", so a drink labelled ‘80° 
proof’ contains 40% ethanol by volume. However, most of the ethanol manu- 
factured is used industrially as a Starting material for other chemicals such as 
ethanoic acid (acetic acid). 

The two most important methods used for the manufacture of ethanol are 


(a) the fermentation of sugar or starch, and (b) the Aydration of ethene from 
petroleum. 


(a) Fermentation 


Fermentation is a chemical action brought about by bacteria or yeasts. Living 
Yeast produces biological catalysts called enzymes. When yeast is added to a dilute 
solution of ordinary table sugar a reaction occurs which proceeds most readily 
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at about 38°C. The enzyme sucrase, produced by the yeast, catalytically breaks 
down ordinary table sugar (sucrose, C,,H,,0,,) into the simpler sugars glucose 
and fructose. These are isomers having the molecular formula C;H ; ,O,. Zymase, 
a second enzyme produced by the yeast, then converts the glucose and fructose 
into ethanol and carbon dioxide. 


sucrase 
C, 2H220; 1(aq) "iu H50q ae ae CH, 20609 + CoH 120609 
fructose} 


(sucrose) (glucose) ( 


zymase 
CH 20 6 (aq) —— —^ 2C Hs OH (aq) 4-2CO; 
(glucose or fructose) (ethanol) 
When the reaction mixture contains about 12% by volume of ethanol the 
activity of the yeast ceases. The ethanol can then be concentrated by fractional 
distillation if required. 


(b) Ethanol from Petroleum 

Large quantities of synthetic ethanol are manufactured from ethene, a gas 
produced by the cracking of petroleum. The ethene is hydrated (a molecule of 
water is added) to produce ethanol: 


ethene(g) ethanol(aq) 


Sulphuric acid assists in the hydration process. 


11.10 Properties of Ethanol 


The principal reactions of ethanol are those of its functional group, the hydroxyl 
group (—OH). Thus in many of its reactions it has similar properties to water 
(H—OH). The following reactions of ethanol can easily be carried out as small- 
scale test-tube experiments. 


(a) Reaction with Sodium 
A small piece of freshly cut sodium sinks when dropped into a test tube 
containing ethanol. It reacts immediately, liberating a steady stream of bubbles 
of hydrogen, and eventually dissolves leaving a clear solution of sodium 
ethoxide: 

2C;H,0H,-2Na,, > 2C,H,0 Na* Hag 
This reaction can be used for the safe disposal of unwanted sodium. 


(b) Reaction with Phosphorus Pentachloride 
When a little solid phosphorus pentachloride i 
reaction occurs in which hydrogen chloride is 
ethyl chloride: 


s added to ethanol, a vigorous 
liberated together with volatile 


C,H, OHy -- PCls, > CoHs Ch) +POCIs + HCl, 
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The product remaining in solution is phosphorus trichloride oxide (phosphorus 
oxychloride). 
(Caution: phosphorus pentachloride should be handled with care and not allowed 
to come into contact with the skin.) 

Its reactions with sodium and with phosphorus pentachloride indicate the 
presence of a hydroxyl group in ethanol. 


(c) Oxidation of Ethanol 

When a little acidified potassium manganate(vir) (potassium permanganate) is 
added to a little ethanol in a test tube, and the mixture is warmed in a water bath, 
the purple colour of the manganate(vi) (permanganate) ion disappears. The 


characteristic pungent smell of ethanoic acid (acetic acid) soon becomes notice- 
able. 


5C;H,OH,y--4K * MnOj,,.) +6H3 S02, — 4Mn?* SOZ + 2K i S01. + 


SCH,COOH,, -- 11H;0j, 


(d) Esterification ' 

A little ethanol is mixed with an equal quantity of glacial (concentrated) ethanoic 
(acetic) acid in a clean dry test tube, together with one or two drops of concen- 
trated sulphuric acid to act as a catalyst. On warming and pouring the 
mixture into a large volume of water, the fruity smell of ethyl ethanoate (ethyl 
acetate) can be detected: 


C;H50H,-- CH,COOH,, = CH,COOC,H,, + H20 
ethyl ethanoate 
Ethyl ethanoate (ethyl acetate) is one member of a class of organic compounds 
called esters, all of which have pleasant fruity smells. ; 
In general the reaction between an alcohol and a carboxylic (—COOH) acid 
produces an ester and water, the process being termed esterification. Thus if 
acetic acid is warmed with a variety of alcohols, different fruity smells can be 
detected characteristic of the particular ester produced. 


Summary of Unit 11 


1. Carbon forms strong covalent bonds with itself and with many other non- 
metals including hydrogen, oxygen, halogens and nitrogen. Carbon-carbon 
covalent bonds can be single (with two shared electrons), double (with four 
shared electrons) or triple (with six shared electrons). The spatial arrangement 
of individual molecules varies according to their structure. 

2. Alkanes are saturated hydrocarbons with general formula C,Ho,+2- They 
belong to a homologous series, the successive members of which differ by 
—CH;—, have similar chemical properties and a gradation in physical 
properties. The distribution of bonds around each carbon atom is tetrahedral. 

3. Alkanes react in two important ways: 

(a) they burn, Producing heat; hence they are often used as fuels, 
(b) the hydrogen atoms can be Substituted for other functional groups such as 


ZOH or —Cl. A functional Broup is a part of a compound which has 2 
characteristic set of properties. 


xa 


po 
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. Petroleum is a complex naturally occurring mixture of hydrocarbons. It is 


refined by fractional distillation, and it can be converted to useful petro- 
chemicals by cracking. 


. Alkenes are unsaturated hydrocarbons containing a double carbon-carbon 


covalent bond. They belong to a homologous series with general formula 
GEH»: 


. Alkenes react similarly to alkanes, with the one important difference that they 


can undergo addition reactions across the carbon-carbon double bond. 


. An alcohol is derived from an alkane in which a hydrogen atom has been 


replaced by a hydroxyl group. 
Ethanol is the most important alcohol and is manufactured either by 
fermentation or by the hydration of ethene. 


. The reactions of alcohols are dominated by the functional group —OH. 


Thus they react with sodium to form the alkoxide, with phosphorus penta- 
chloride to form the chloride, with oxidizing agents to form the carboxylic 
acid, and with carboxylic acids to form the ester. 

Many organic compounds exhibit isomerism. Isomers are compounds which 
have the same molecular formula but different structural formulas. 


Test Yourself on Unit 11 


T. 


Name the following compounds: 
HH H HH 


| | | 
(a) H—C—C—C—C—C—H 


|. bs bald 
HHHHH 
H H 
Ns dali 
(b) C—C—C—H 
E; | 
H 
H BrH 
pora 
© H—C—C—C—Br 
os 
H HH 
H HH 
| 
(d) H- e-e- Ca 
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H H 
n 

(e) H—C—C—NH, 
| | 
H H 


2. Which of the following could nor be an alkane: 
(a) CH; (b) CyHyy (c) CsHis (d) CH, (e) C9H3 


3. How many different compounds can be produced when one chlorine atom is 
substituted into a molecule of butane (C,H,,)? 


(a) 1 (b) 2 (c) 3 (d) 10 (e) 4. 


4. Write down the names and formulas of the isomers having the molecular 
formula C,H,,. 


5. The following tests were carried out on some unknown organic compounds: 
(a) Compound A was shaken with bromine in tetrachloromethane (carbon 
tetrachloride). There was an immediate decolorization of the red bromine 
solution. 

(6) Compound B was shaken with bromine in tetrachloromethane (carbon 
tetrachloride). There was only a very slow decolorization of the red bromine 
solution, and after a while pungent acid fumes could be detected. 

(c) A small piece of freshly cut sodium was added to the non-acidic compound 
C. A gas was liberated which formed an explosive mixture with air. 

(d) On warming compound D with ethanol and a few drops of concentrated 
sulphuric acid, a pleasant fruity smell could be detected when the mixture 
was poured into water. 

Assign the following formulas to compounds A, B, C and D: 

(i) CH,CH,CH,OH, (ii) CH;CH,CH,CH,CH,CH,, 
(iii) CH;CH;CH;,COOH, (iv) CH;—CHCH,;CH,. 


6. A sample of crude oil was heated and its vapour passed over red-hot pumice 
stone. A mixture of gases was evolved, which decolorized bromine in tetrachloro- 
methane (carbon tetrachloride) and burned in air with a yellow flame. 
(a) Is the process taking place when the vapour from the crude oil passes over 
the heated pumice stone: (i) polymerization, (ii) distillation, (iii) cracking, of 
(iv) refining? 
(b) Is the type of com 
most probably: (i) an 
(c) Name two 
in air. 


pound causing decolorization of the bromine solitis 
alkene, (ii) an alkane, (iii) an alcohol, or (iv) an acid? 
compounds which could be formed when the gas mixture burns 


: l 
7. Write down the names of two alcohols having the molecular formula C,HsÓ- 


Mark this test out of 20 with the answers given on page 380. 


Unit Twelve 


Classification of Matter V: Large 
Molecules Containing Carbon 


Thermoplastic Thermosetting 


MACROMOLECULES 


Synthetic rubber 


Natural rubber 


Cellulose [ Storch | 


CARBOHYDRATES 


Unit 11 introduced the chemistry of the compounds of carbon. The majority of 
compounds studied contained a relatively small number of carbon atoms, but 
carbon’s ability to form multiple bonds was pointed out. This Unit looks at the 
various types of compound containing many carbon-carbon bonds, some man- 
made and others naturally occurring. ; 1 

One of the two major areas of study in this Unit deals with synthetic 
macromolecules, often referred to as plastics. The term ‘plastics’ is in common 
use to describe a variety of materials, including polythene, nylon and Perspex, 
which at some stage during their processing become mobile or plastic. The other 
area briefly covers naturally occurring macromolecules such as starch and 
proteins. Many, but not all, of these compounds are polymers. 


12.1 What are Polymers? 


A polymer is a large molecule built up from many hundreds or thousands of 
well-known plastic poly(ethene) or 


monomer units joined together. Thus the 
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polythene is composed of large molecules formed by the repeated combination 
of ethene molecules: 


A ie H H!H H 
ITI. 7 
C=C ~ cm i 2 C=C, Q monomer units 
- X 
H Hj H 
(ethene monomer) 
1 
H H|H H!H H!H H!H Hi! 
| |! | |! | [tl Er. ie 
—C-C--C—C4.C— C. CC C— C4. gor trating 
LriT I1 | IE DII! 
H HiH HiH HIH HIH Hi 
 npetiag 
unit 
C,H, 


Polymers are classified as either addition polymers or condensation polymers, 
depending on their method of formation. 


12.2 Addition Polymers 


Poly(ethene), described above, is an example of an ‘addition’ polymer: the 
formula for the repeating unit (in this case C,H) is the same as that of the starting 
monomer (in this case ethene). This is true for all addition polymers, the only 
difference being the nature of the repeating unit. Thus the repeating unit in 
poly(chloroethene) or polyvinyl chloride (PVC) is C,H,Cl. 


H HHH H 


H 

4 ears 
/ hai ORE 
House H= Ci is 
monomer) 


(2 monomer units combined) 


E o e RR i | 
H CHH CJH CHH c! 
Poly(chloroethene) 


Examples of other addition polymers are given in Table 12.1. 
Addition polymers are thus named because of the addition reaction which 


occurs across the carbon-carbon double bond when monomer units combine. 
The monomer units shown in Table 12.1 are all unsaturated compounds derived 
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from ethene. Experiments 12.1 and 12.2 describe the preparation of two of these 


polymers. 
Table 12.1 Nomenclature of polymers 


Common name International name Formula of monomer unit 


Polytetrafluoro- poly(tetrafluoro- F P4 


ethylene(PTFE) ethene) Sk 


F F 

Polystyrene poly(phenylethene) H Me 
C=C 

C,Hs H 

(Note: C;H,— is the 

phenyl group derived 

from benzene, C6H6) 
Perspex poly(methyl H H3 
(polymethyl 2-methylpropen- NE 
methacrylate) oate) Pa 

H COOCH, 
Polypropylene poly(propene) CH; ye 

con 


Experiment 12.1 Preparation of poly(methyl 2-methylpropenoate), P ENDE 

A little methyl 2-methylpropenoate (methyl methacrylate) is poured into a Gus 
tube and maintained at approximately 60°C in a water bath. About , 1% 
dodecanoyl peroxide (lauroyl peroxide) is added to catalyse the polymerization, 
and the mixture is shaken to dissolve the catalyst. After approximately one hour 
the liquid monomer polymerizes into solid transparent Perspex: 


H CH; H CH; H CH; 
pw | ERE 
FN CIE 
H COOCH, H COOCH 
methyl ee H poly(methyl Z-methylpropenoato), Perspex un 


Perspex can be depolymerized by heating, see Fig. 12.1. At about 300°C the 


polymer softens and undergoes rapid depolymerization to the monomer. The 
clear liquid collected in the water-cooled tube contains the monomer. 3 
Caution: the monomer vapour is harmful and the experiment should be 


performed in a fume chamber. 
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Perspex polymer „Clamp 


Perspex monomer 
(methyl 2-methylpropenoate) 


Fig. 12.1 Depolymerization of Perspex: the solid polymer is broken down 
into its liquid constituent monomer 


Experiment 12.12 Preparation of poly(phenylethene), polystyrene 

This polymer is prepared by adding about 1% of dodecanoyl peroxide (lauroyl 
peroxide) to a little phenylethene (styrene) monomer in a test tube and warming 
to 100°C in a boiling-water bath. Polymerization of the clear liquid phenylethene 
monomer into colourless solid poly(phenylethene), commonly known as poly- 
styrene, occurs within one hour: 


H H H H H H 
Va | | | | 
C=C on yki G C C 
/ WES | | | 
C.H; H CH, H CH -Hia 
phenylethene poly(phenylethene) 


12.3 Condensation Polymers 


In the chemistry of carbon there are many reactions where the combination of two 
or more substances is accompanied by the elimination of a small, simple molecule 
such as water, hydrogen chloride, ammonia or methanol. Such a reaction is often 
called a condensation reaction. We have already seen a typical example in Unit 11 
when discussing esterification, the reaction between an organic carboxylic acid 
such as ethanoic (acetic) acid and an alcohol such as ethanol: 


o 
a 

CHC eines, ,,0—G,H, + CH,CŹ +H,0 
`OH- H: O—C,H, 
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The product here is ethyl ethanoate (ethyl acetate) and the simple substance that 
is eliminated is water. In general this type of reaction can be written as 

(0) 

79 | 


Vu 2m ot. C—O.» + HO 

`OH H: 

where ... represents some form of carbon-chain backbone. 
Another example of a condensation reaction is 


H O 
H O | | 
"EE MP CoL eel 


where the eliminated small molecule is hydrogen chloride. 

Each of the carbon-chain backbones in the above examples is attached to only 
one functional group (—COOH, —OH, —NH, etc.). But if each carbon-chain 
backbone has two functional groups attached to it, a condensation reaction can 
occur involving polymerization. For example: 


(0) O (0) 
B3 ES 
c moi s Oe SO. ue, Om 
HO: [OH Ho :H HO: 


I 
O—C—- 5 —C 0 iss 9:53:06 09. 0 — 


Whenever condensation occurs together with polymerization, the polymer 
produced is called a condensation polymer. m 
Nylon is a condensation polymer produced by the reaction between a diamine 


H H 


p .—N and a dibasic organic carboxylic acid (i.e. having two 
H H [9 
> ^ Fi ample: 
COOH groups per molecule) b m or example: 
HO OH 
o 
H y Qi PU THRON Ta 
Nit NO se. Gee ne DEC Nea dm 
H NH HOS Nou HÍ H HO; ‘0H 
H H O O H H O o 
| (= | | | | l 
N —N—C -C —N C 
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Hoa ZH 
If NN GA is HN—(CH;),—NH,, 1,6-diaminohexane, and 
H H 
[0] 0 [0] 
EN A A 
ones CC-4CHj,—C^ —— , hexanedioic adi 
HO OH HO OH 
(adipic acid), the condensation polymer is nylon 6.6 (six carbon atoms in each 
monomer). 
Terylene (or Dacron) is a condensation polymer formed from a diester 
[9] o 
EN T 
DC= + 07 
H,CO OCH; and a diol HO—.---—OH. Thus 
(0) fo) [9] o 
EN 
oad +HO—.--—OH+ b et + HO—-+-»—OH} 
H,CO OCH, H,CO^ OCH; 
1 
(0) [0] oO o 
p AE A `c ange 4-nCH,0H 
0 O 
a 
For Terylene the diester is "ose -d (dimethyl ester 
H,CO ‘OCH, 


of benzene-1,4-dicarboxylic acid, or dimethyl terephthalate) and the diol is 
HO—CH,CH,—OH (ethane-1 :2-diol, or ethylene glycol). 


Experiment 12.3 Preparation of nylon 6.10 (‘the nylon rope trick’) 
S0 cm? of a 2% (by volume) solution of decanedioyl dichloride (sebacoyl 
chloride) in tetrachloromethane (carbon tetrachloride) is measured into à 
100 cm? tall-form beaker, 25 cm? of an aqueous solution containing 2:2 g of 
1,6-diaminohexane is added carefully to the beaker so that the aqueous solution 
floats on top of the tetrachloromethane solution, without mixing. A thread a 
nylon is drawn from the interface between the two liquids, using a pair of forceps, 
and wound around a thick glass rod (see Fig. 12.2). 

H H re) [9] 

SS 2 NN ^ 
MEE or SCCH) C 


(t.6-diaminohexane containing 
6 carbon atoms) 


CI 
(decanedioyl dichloride containing 
10 carbon atoms) 
l 


H H O (0) 
| | | I 
N—~(CH,),—N—C—(CH,),—C}-+. HCl 


(nylon 6.10) 
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Aqueous solution of 

1, 6- diaminohexane 
Polymer film b 

forming at interface 


Decanedioyl chloride in 
tetrachloromethane 


Fig. 12.2 A simple method of preparing nylon 6.10 


If the thread is not easily withdrawn from the interface the beaker may be 
warmed gently in a water bath, taking care that the solutions do not mix. 


12.4 Characteristics of Synthetic Polymers 


(a) Thermoplastic Polymers 

A thermoplastic polymer is one which softens on heating and becomes rigid again 
on cooling. This is because there are only weak attractive forces between the long 
polymer molecules and these are readily disrupted on heating. Most addition 
polymers and some condensation polymers are thermoplastic. Examples include 
nylon, polythene and polystyrene. 


(b) Thermosetting Polymers 

A thermosetting polymer is one which becomes hard on heating. It cannot be 
softened by heat. Polymers of this type are often prepared in two stages. The first 
stage is the production of long-chain molecules which are capable of further 
reaction with each other. These intermediate polymers usually flow and can be 
placed into moulds. Colouring is often added at this stage. The second stage is 
the application of heat which causes a reaction to occur between the chains, thus 
producing a complex-network polymer. Fig. 12.3 illustrates these two stages in 
the production of a thermosetting plastic polymer. 


12.5 Uses of Synthetic Polymers 


(a) Polythene, poly(ethene), was first made in 1933 by Fawcett and Gibson of 
Imperial Chemical Industries. Low-density polythene is used in packaging, 
housewares such as buckets and bottles, carpet backing, cable insulation and 
many other applications. High-density polythene has greater rigidity and is 
therefore used in the manufacture of piping, dustbins, crates, etc., where 
mechanical strength is essential. 
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First stoge 
H H 
Lr LHH 
CH20H CH20H CH20H 
Long-choin molecules capable of further reaction 
Second stoge 
LO CER 


CH; 


CH CHe 


Fig. 12.3 Complex network structure of a thermosetting polymer 


(b) PVC or polyvinyl chloride, poly(chloroethene), is widely used in imitation 


ds, 
leathers, floor coverings, corrugated roofing material, gramophone records, 
etc. 


(c) Polystyrene, poly(phenylethene), is used in moulded objects such as 


: d 
disposable drinking cups, radio and television cabinets, brush handles an 
switches, 


: ie i an 
(d) PTFE or Tefion, poly(tetrafluoroethene), is familiar because of its d d 
anti-adhesive (‘non-stick’) coating, particularly for cooking utensils. S i 
its low chemical reactivity, allied with its excellent toughness, electrica 


E ie R B beta : ure of 
resistance, it is used as insulation for electrical items and in the manufact 
gaskets and valves. 


: -like 
(e) Perspex, poly(methyl 2-methylpropenoate), is a transparent -— : 
plastic which, because of its 800d optical characteristics, is used in lenses. 
uses include dentures and car rear-light mouldings. 


: in 
Cf) Nylon is well known as a synthetic fibre in carpets, fabrics, rope, oe p 
and other clothing. Because of its mechanical strength, nylon is also us 
moulded machine parts such as gears and bearings. 


12.6 Natural and Synthetic Rubbers 
(a) Natural Rubber 


With the expansion of the motor-car industry the demand for rubber a 
increased enormously. Chemists found that natural rubber is a hydrocar! 
polymer built up from the monomer unit methylbuta-1,3-diene (isoprene): 
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H CH, H 4H CH, H 


lo Ea 
C=C—— C=C Eo n E Tg CH—|, 
lymer 


polyme 
(rubber) 


H 


monomer 
(methylbuta-1,3-diene) 

‘Raw’ rubber obtained from /atex tapped from the rubber tree, particularly 
Hevea brasiliensis, does not possess the characteristics of the rubber with which 
we are familiar. In order to give it strength and elasticity it has to be vulcanized. 
In the vulcanization process, raw rubber is mixed with small amounts of sulphur 
and heated. The sulphur reacts with the polymer molecules forming a cross- 
linked network: 


| 
-XXXIX 


where X represents a monomer unit. This cross linking gives mechanical strength 
to the rubber. In addition, ‘fillers’ such as carbon black and zinc oxide are usually 
added to the crude rubber before vulcanization in order to improve its wearing 
characteristics. 


(b) Synthetic Rubbers 

(i) Neoprene, poly(2-chlorobuta-1,3-diene), was one of the first synthetic 
rubbers manufactured on a large scale. The monomer unit, 2-chlorobuta- 
1,3-diene (chloroprene), is made from ethyne which itself is produced easily from 
coal and limestone. 


H CLH H 


Salpa 


C=C—C=C 
2-chlorobuta-1,3-diene 


l 
H OHHHCHH 


 C=C—C—C_C=C_O 
| eee 
poly(2-chlorobuta-1,3-diene) 
cal action and is therefore used 
for corrosive chemicals. 
ufactured from the 


This polymer is particularly resistant to chemi 
in making hoses for petrol and oil and containers 

(ii) Styrene-butadiene rubber and butyl rubber are man 
C, and C; hydrocarbons from petroleum. 
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Styrene-butadiene rubber is made by copolymerizing the two monomer units 
phenylethene (styrene) and buta-1 3-diene: 


H H H H H H 
Dy X lI- 
C=C + O=C-O=c 
KW ff X 
C.H, H H H 
phenylethene 1 buta-1,3-diene 
| | | | | | 
jew re a 
CH, n 


copolymer structure (hydrogen atoms omitted) 


Butyl rubber is made from 2-methylpropene (isobutylene) monomer poly- 
merized with a little methylbuta-1,3-diene (isoprene): 


2-methylpropene 4 methylbuta-1,3-diene 


H CH, H CH, H H 
ruere 
——C— C-Cc—C-C 
ARETE | 


H CH, H H 
butyl rubber 


12.7 Naturally Occurring Large Molecules 


The basic unit of all living matter is the cell. Each cell is itself built up from a 
variety of materials, many of which are large polymeric molecules. Included 
among these naturally occurring large molecules are carboh ydrates, proteins and 
nucleic acids. 

i The chief function of carbohydrates is that of a fuel. An organism provides 
itself with energy when the carbohydrate is broken down into carbon dioxide and 
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12.8 Carbohydrates 


A carbohydrate is a compound of carbon, hydrogen and oxygen, where, as the 
name suggests, the hydrogen and oxygen are present in the same ratio (2: 1) as in 
water. Glucose (C,H, ,O,), sucrose (C, ;H;0,,) and other sugars are common 
examples of carbohydrates. 

Just as glycogen is the storage form of carbohydrates in animals, starch is the 
storage form of carbohydrates in plants. Under the influence of the sun’s energy 
and certain biological catalysts, carbon dioxide taken in through a plant’s leaves 
combines with water to form simple carbohydrates. The process is called 
photosynthesis. Further biochemical processes combine these simple carbo- 
hydrates into starch, which is then stored by the plant in its roots, tubers, seeds 
and fruits. 

Starch is a complex polymer and its molecule is composed of thousands of 
glucose monomer units. If glucose C;H, Os is written HO—(C4H,$04)—OH, 
its polymerization to starch can be represented by the following condensation 
reaction: 


n HO—(C,H,,04)—0H 
4 


i 
—(C4H,904)—0—(C&H;904)—0—(CcH,904)—0— tn H,0 


In the complex biochemical process known as digestion starch is broken down 
to glucose in a hydrolysis reaction. This is effectively a depolymerization 
reaction in which the addition of water breaks the polymer into monomer units. 
This reaction may be regarded as the reverse of the condensation reaction shown 
above. The following experiment illustrates two methods of breaking the poly- 
meric molecule starch into the monomer glucose. 


Experiment 12.4 Breakdown of starch 
In this experiment starch is hydrolysed in two different ways an 
hydrolysis are identified using paper chromatography. 

(i) Hydrolysis of starch using saliva ! 

About 1 g of starch is made into a paste and this mixture is stirred into a beaker 
containing about 100 cm? of hot water. The solution is allowed to cool to about 
38°C and 10 cm? of it is measured into a small beaker together with a little saliva. 
(The enzymes in saliva are most effective at a body temperature of approximately 
38°C.) 

Gi) Hydrolysis of starch using 2M hydrochloric acid 
A id 10 in de starch boe: measured into a small beaker and a few 
drops of 2 M hydrochloric acid are added. The solution is boiled. 

The solutions from parts (i) and (ii) of the experiment are tested at regular 


d the products of 
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intervals to ensure that hydrolysis is complete. This is carried out by removing a 
drop from each solution with a clean glass rod and trarfsferring it to a white 
spotting tile. A drop of a solution of iodine dissolved in potassium iodide is 
added and the colour noted. Since starch produces a deep-blue colour with 
iodine in potassium iodide, the absence of this deep-blue colour indicates that 
the reaction is complete and no starch remains. At this stage the solution 
from experiment (ii) is neutralized with a few drops of sodium hydroxide. 

(iii) Identification of the products of hydrolysis using paper chromatography 
Paper chromatography as a separating technique has been described in 
Section 1.7. In this experiment the separation is carried out on a strip of filter 
paper supported in a gas jar (see Fig. 12.4). 


„Gloss plate Glass plotes 
x 


Filter poper 
7 held by the gloss 
Gos plates 
Filter jor 
paper 
Hydrolysate Gh Solvent 


from (i) 
Starting 


risi 
A po ` ee | 
line | Hydrolysate (Moltose | POPer [——À 


ii solution 
from (ii) Solvent 


(o) (b) 


Fi ig. 12.4 Separation of starch hydrolysates by paper chromatography: (4) 
initial preparation of the paper ; (b ) solvent rising up the paper and carrying 
the samples with it 


The solvent, a mixture of 1 volume water, 1 volume glacial ethanoic acid 


(acetic acid), and 3 volumes of propan-2-ol, is poured into a large gas jar and 
the glass plates placed over the top. This enables the vapour from the solvent 
to saturate the atmosphere in the gas jar. 


A rectangle of filter paper is marked out as shown in Fig. 12.4a with spots of 


hydrolysates from parts (i) and (ii) of the experiment, together with spots of 
glucose and maltose solutions. 


In order to concentrate the sugar in the hydrolysed solutions (i) and (ii). 
Successive spots are applied and the Paper is dried between each application. The 
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paper is then supported in the gas jar so that it just dips into the solvent, as shown 
in Fig. 12.4b. After leaving the chromatogram to run overnight the paper is 
removed and dried. 

At this stage no spots are visible on the paper. To locate the position of the 
sugar spots the paper is sprayed with a mixture containing 2% phenylamine 
(aniline) in propanone (acetone), 2% diphenylamine in propanone (acetone) 
and 85% phosphoric acid in the ratio by volume of 5:5:1. When the paper is 
warmed in front of an electric fire, coloured spots develop and these indicate 
the location of the sugars. See Fig. 12.4c. 

Conclusion. From the chromatogram it can be seen that solution (i) contains 
maltose, and solution (ii) contains glucose. Thus saliva hydrolyses starch to 
maltose, and hydrochloric acid hydrolyses starch to glucose. 


|«— Position reached by solvent 
(‘solvent front’) 


Green Brown 
\ 0 \ N) 
Q. see 
+ Steel blue 
blue 


|. wm ert 


(c) 


Fig. 12.4c The chromatogram after development 


This is because saliva contains the enzyme amylase which is capable of hydro- 
glucose units. Hydrochloric 


lysing starch to maltose, a sugar containing two i 
acid, however, breaks down the starch completely into the simple monomer 
units, glucose. 


Whereas starch is the form in which plants store carbohydrates, cellulose 
(another polymeric carbohydrate) is the structural material of plants and is found 
in cell walls. Human beings can digest starch but do not have the necessary 
biological catalysts (enzymes) to break down cellulose. Ruminants (such as 
cows), however, are able to utilize cellulose since they produce the enzymes 
necessary to break it down by hydrolysis into simpler carbohydrates, in- 


cluding glucose. 
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12.9 Amino-acids 


All simple amino-acids contain a primary amino group (—NH,) and a carboxylic 
acid group (—COOH) attached to a carbon skeleton: 
H 


amino group | acid group 
H,N—C—COOH 


Glycine Aspartic acid 
(aminoethanoic 2-aminopropanoic (2-amino-3- (aminobutanedioic 
acid) acid) methylbutanoic acid) 


1 
; HaN—C—C00H 
H 


Fig. 12.5 Structures of simple amino-acids 


One of the most important reactions of this class of substances is the condensa- 
tion of two amino-acid molecules with the elimination of water: 


H o H H 
n. 
HjN—C—cC 2. ,N—C—COOH 
D OH H' | 
R NL R 
1 
H HH 


o 

tg di. | 

H;N—C—C-— —N—C——COOH--H;O 
| 


R R 
O H 


f 
bo resulting TEN linkage is called a peptide linkage and the compound 
ormed from two amino-acids is a dipeptide. Since the dipeptide still contains 


Classification of Matter V: Large Molecules Containing Carbon 293 


reactive carboxylic and amino groups, it can react with further amino-acids to 
form a polymer with many peptide linkages, called a polypeptide. Such 
polymers form the basis of the vital naturally occurring macromolecules which 
we know as proteins. 


12.10 Proteins 


Proteins are polymers consisting largely (or entirely) of chains of amino-acids 
united by peptide linkages. The constituent amino-acids can be obtained from the 
protein by hydrolysis. 

Individual amino-acids may be considered analogous to the monomer unit in 
carbohydrates (e.g. the monomer unit glucose in the polymer starch) with one 
important difference. In carbohydrates the monomer unit is continually repeated, 
but in proteins there may be 20 or more individual amino-acids present in 
characteristic proportions and linked in a specific sequence. Thus part of the 
amino-acid sequence in beef insulin has been characterized as: 


Glutamic 
acid 
Leucine 
Tyrosine 
Leucine 


Tyrosine 


All these amino-acids are joined by peptide linkages. 

Because there are so many possible permutations of the ways in which the 
various amino-acids may combine, the number of possible proteins is enormous. 
In fact there are tens of thousands, perhaps as many as 100 000, different kinds of 
proteins in the human body. Hydrolysis of a protein by acid or alkali or enzymes 
results in the breakdown of the amino-acid chain and the liberation of the free 
amino-acids. These amino-acids may be identified by paper chromatography, 
but the determination of the sequence of amino-acids in the chain is extremely 
complex. Chemical research on proteins is at present seeking to solve s 
problem and also the way in which the polypeptide chain of amino-acids is coiled 
and twisted in space. 


Proteins and Food 
Proteins are probably the most important compounds in plants and animals. 
water and inorganic nitrogen 


Plants can synthesize proteins from carbon dioxide, à 
compounds, but animals are unable to do this and must rely on eating plants or 
other animals to obtain their protein (see Unit 6: the nitrogen cycle). Structural 
proteins are found in body tissue (skin, muscle, etc.) and cellular membranes. 
Enzymes and some hormones (regulators of body reactions) contain a large pro- 
portion of protein. Haemoglobin, a protein which is found in red blood cells, has 
already been referred to in its function as an oxygen carrier and in carbon 
Monoxide poisoning. 
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Proteins are indispensable to life. People or animals will sicken and die 
unless their food contains protein. This may be obtained from protein-rich 
foods such as meat, eggs and milk, but in overcrowded areas of the world 
these sources of protein are not readily available. Research is going on to 
find new sources of protein, such as soya beans and coconuts, and the use of 
yeasts to convert carbohydrates into proteins is being explored. In addition, 
improvements in livestock and plant production are being developed to help 
meet world protein shortages. It is becoming clear that indiscriminate con- 
sumption of protein is wasteful, and one of the greatest needs is education in 
nutrition science. 


Summary of Unit 12 


1. A polymer is a large molecule (a macromolecule) built up from many 
hundreds or thousands of monomer units joined together. 

2. Addition polymers are those in which the molecular formula of the recurring 
unit is the same as that of the monomer, e.g. poly(ethene) commonly called 
polythene. 

3. Condensation polymers are formed from monomers with the elimination ofa 
small molecule such as water, e.g. nylon and Terylene. E 

4. A thermoplastic polymer is one which softens on heating and becomes rigid 
again on cooling. 

SA thermosetting polymer is one which becomes hard on heating. 

6. Natural rubber is a hydrocarbon polymer obtained from the monomer 
methylbuta-1,3-diene (isoprene). 

7. Vulcanization is the name given to the strengthening process which occurs 
when natural rubber is heated with sulphur. 

8. Synthetic rubbers are obtained by the polymerization of dienes, with or 
without the addition of a copolymer. 

9. Naturally occurring large molecules include proteins and certain carbo- 
hydrates. 

10. A carbohydrate is a compound containing carbon, hydrogen and oxygen only, 

with the hydrogen and oxygen present in the same ratio as in water. 

11. Cellulose, the main structural material in plants, is a polymeric carbohydrate. 

12. Starch, the principal energy store in plants, is another polymeric carbo- 

hydrate. 

13. Starch can be hydrolysed by (a) saliva, to maltose, a carbohydrate 
consisting of two monomer units, and (b) acid, such as hydrochloric acid, to 
the monomer glucose. 

- Simple amino-acids contain a primary amino group (—NH;) and à 
carboxylic acid group (—COOH) attached to a carbon skeleton. 

OH 


ll | 

15. A peptide linkage (—C—N—) is formed during a condensation reaction be- 
tween two amino-acids, 

16. A dipeptide is the name 


É given to compounds formed from two amino-acids 
during the condensation 


reaction to produce a single peptide linkage. 
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17. A polypeptide contains many peptide linkages. 
18. Proteins are vital naturally occurring macromolecules containing hundreds 
or thousands of amino-acids joined together by peptide linkages. 


Test Yourself on Unit 12 


1. From the following list: butane, buta-1 ,3-diene, ethanol, maltose, poly(ethene), 
starch, nylon, glucose, alanine (2-aminopropanoic acid), select the names of 

(a) a natural polymer (b) a synthetic polymer 

(c) acondensation polymer (d) an addition polymer 

(e) a monomer which polymerizes to give a rubber 

(f) the product obtained when starch is hydrolysed by acid 

(g) a carbohydrate containing two monomer units combined 

(h) an amino-acid. 


2. Poly(tetrafluoroethene) can be made by polymerizing tetrafluoroethene 
(tetrafluoroethylene). 
(a) Is this an addition or condensation polymerization? 
(b) Which will have the highest relative molecular mass, tetrafluoroethene or 
poly(tetrafluoroethene)? 
(c) Draw a short section showing three repeating monomer units in the 
polymer. 
(d) Name one other polymer which has a similar structure to poly(tetra- 
fluoroethene). 
(e) Give one use of poly(tetrafluoroethene). 


3. Saliva will hydrolyse starch. 
(a) What is meant by the term hydrolysis? 
(b) What is the major product in this hydrolysis of starch? 
(c) What substance present in saliva is responsible for this hydrolysis? 


4. The following table is incorrect: 


Polymer Column A Column B 


Terylene hydrocarbon natural 
E 

Cellulose protein natural 

LL 
Poly(phenylethene) | carbohydrate synthetic 
(polystyrene) 

Insulin olyester synthetic 

be Mas zi 


(a) Rearrange the terms in Column A and in Column B so that the appropriate 
descriptions fit the given polymers. 
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(6) For each polymer state whether it is formed by a condensation or 
addition process. 

(c) Which of the above polymers contains peptide linkages? 

(d) Which of the above polymers has more than two different monomer units? 


Mark this test out of 30 with the answers provided on page 381. 


Unit Thirteen 


Classification of Matter VI: Radioactive 
Elements 


Disintegration series 


Beta Gamma 
radiation radiation 


RADIOACTIVITY 
Nuclear 
reactions 


In the last five Units we have been particularly concerned with the chemical 
reactivity of elements and compounds. This reactivity is related to the electron 
Structure of the elements, and a knowledge of the electronic structure enables the 
chemical properties to be predicted with a reasonable degree of accuracy. 

However, certain elements undergo spontaneous changes in their nuclei, 
resulting in the formation of new elements and the emission of high-energy 
radiation. This is the phenomenon, known as radioactivity, which concerns us 
here in Unit 13. 


Alpha 
radiation 


Half-life Applications 


13.1 Radioactivity is Discovered 


The discovery of radioactivity in 1896 by the French physicist Henri 
Becquerel proved to be one of the most important steps in the elucidation of the 
structure of matter. Becquerel found that certain uranium salts affected a 
Wrapped photographic film causing it to darken directly beneath the uranium salt 
sample. He deduced that uranium salts spontaneously emitted ‘rays’ of some kind 
Without any external help. These rays caused the ‘fogging’ of the photographic 
film, and elements which liberated such rays were said to be radioactive. 
Becquerel repeated the experiment with pitchblende, an ore containing oxides 
of uranium, and found that the photographic film was even more affected than 
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with pure uranium salts. Marie Curie and her husband Pierre attempted to isola 
from pitchblende the element causing this intense radiation. In 1898 the 
isolated polonium, a radioactive element named after Marie Curie’s na 
Poland. Four years later they also isolated the intensely radioactive element 
radium. b 


13.2 The Nature of Radioactivity 


By 1899 Rutherford had demonstrated that the radiation which caused he 
‘fogging’ of a photographic film consisted of two types: alpha (x) rays and 
beta (B) rays. Soon afterwards Villard discovered a third type, which v 
called gamma (y) radiation. All three types of radiation are the result of the 
disintegration of the nuclei of radioactive atoms. 


Alpha radiation consists of a flow of positively charged particles, each of which 
is identical with the nucleus of a helium atom, ie. two protons and two 
neutrons but no electrons. If it can gain two orbital electrons an alpha partic| 

becomes a normal atom of helium. Because of their relatively large mass (fo 
times as great as a proton), alpha particles are easily absorbed by matter: typical. 
penetrations are 4 cm in air and 0-002 cm in aluminium. 


Beta radiation consists of a flow of negatively charged particles which are - 
identical with electrons. Electrons do not normally exist in the nucleus ofan atom, — 
and these beta particles are produced in (and immediately expelled from) the 
nucleus when a neutron changes into a proton: 


neutron — proton + f particle (electron) 
(mass 1, (mass 1, (mass negligible, 
charge 0) charge+1) charge—1) 


Beta particles have greater penetrating power than alpha particles. Thei 


penetration varies, however, because they are emitted with a whole spectrum o! 
energies. y 


Gamma radiation is unlike alpha and beta radiation in that it is not a flow 4t 
particles. In fact it belongs to the same family of electromagnetic radiations as 
visible light, X-rays and radio waves. It travels with the speed of light and only 
differs from the other electromagnetic radiations in its very short wavelength 1 
and very high frequency. 3 

Note that alpha particles, relatively large and positively charged, are stopped. 
by thin aluminium foil whereas beta particles, smaller and negatively charged, 
need aluminium sheet to absorb them. Gamma rays are far more penetrating than 
the other types of radiation, and substances which emit gamma rays need to be - 
protected by several centimetres of lead. Both alpha and beta particles are 
deflected by electrostatic or magnetic fields (see Fig. 13.1). On the other hand | 


gamma radiation, because it has no charge, is unaffected by either electrostatic 1 
or magnetic fields. : 
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Gamma ray 


Alpha ray 


Beta ray 
gc 
4 


Negative plate + Positive plate 
+f 


Se 


Lead container 


Radium 


Fig. 13.1 Emission of alpha, beta and gamma radiation from radium: a 
strong electrostatic field deflects the alpha and beta rays, but not the gamma 
rays; a strong magnetic field also causes deflection of alpha and beta rays 


13.3 Detection of Radioactivity 


The radiation from radioactive elements and compounds produces certain effects 
on matter which can be used for their detection. Thus alpha and beta radiation 
in particular causes ionization of gases and this is used in both the gold-leaf 
electroscope and the Geiger-Müller tube. 


(a) The Gold-leaf Electroscope à i 
A gold-leaf electroscope consists of a metal rod to which is attached a delicate 
strip of gold leaf. The metal rod is insulated from the case (see Fig. 13.2). — 

When the electroscope is charged, by placing a charged object (e.g. an ebonite 
rod that has been rubbed with fur) either near to or in contact with its metal cap, 
the leaf rises away from the metal rod, as shown in Fig. 13.2, and remains in this 
position until the charge is removed. Venen en 

If a radioactive material is placed near the electroscope, the radiation ionizes 
the air around the gold leaf so that it is no longer a good insulator. The charge ^» 
the gold leaf leaks away through the ionized air, and the leaf collapses. i 
detect alpha rays the source must be introduced into the electroscope chamber; 
beta rays can be detected if the electroscope is provided with a thin window 
through which the beta rays can enter. Gamma rays cause little ionization. 
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Gold 
leaf 


Fig. 13.2 Section through a gold-leaf electroscope: an electrical charge 
placed on the metal disc causes the gold leaf to rise 


(b) The Geiger-Müller Tube 

This detector consists of a fine tungsten wire (the anode) centrally aligned inside 
a metal tube (the cathode). The tube is filled with argon gas at reduced pressure. 
A high voltage (about 1000 V) is maintained between the central wire and the 


tube. As this voltage is just insufficient to ionize the argon gas, no current flows 
(see Fig. 13.3). 


Thin 

window 
Fig 13.3 Section through a Geiger-Müller tube: charged particles entering 
the thin window result in an electrical pulse passing between anode and 


cathode ; pulses are counted by a circuit connected to the base of the tube 


If an alpha or beta particle enters the tube, ionization of the argon gas occurs 
and a small pulse of current flows between anode and cathode. This pulse can be 
amplified and recorded. As each particle produces an avalanche of ions and hence 
a pulse of current, the number of particles entering the tube can be determined. 


This type of detector is used for alpha and beta particles but is of little use for 
gamma radiation. 


(c) Scintillation Counters 
When radiation reacts with certain luminescent substances, a flash of visible 
light or scintillation is produced. These scintillations can be detected on an 
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extremely sensitive photocell called a photomultiplier. For the detection of 
gamma radiation a single large crystal of sodium iodide containing a trace of 
thallium(1) iodide is used as the luminescent material, whereas for alpha 
particles zinc sulphide is used. The crystals give off visible light when acted 
upon by the radiation. 


13.4 The Effect of Particle Emission on a Radioactive Element 


(a) Alpha Emission 
An alpha particle consists, as we have seen, of two protons combined with two 
neutrons. When a radioactive atom emits an alpha particle its nucleus plainly 
loses two protons and two neutrons. As a result, the atomic number (i.e. the 
number of protons in the nucleus) decreases by 2 and the mass number (i.e. the 
sum total of protons and neutrons) decreases by 4. Thus, for example, when 
uranium (atomic number 92, mass number 238) emits an alpha particle its atomic 
number drops to 90 and its mass number drops to 234. The element whose atomic 
number is 90 is in fact thorium, so the emission of an alpha particle is accompanied 
by a transmutation from uranium to thorium. 

In order to simplify the writing down of nuclear reactions the mass number and 
atomic number of each reacting atom are shown above and below the chemical 
symbol as follows: ` 


mass number CHEMICAL SYMBOL 
atomic number 
He since it is the same as a helium nucleus. 


and an alpha particle is written as a i e 
mutation of uranium into thorium 


Using this convention we can write the trans 
(see above) as 
4 
238U —» 234Th+4He 


Note that the sum of the mass numbers is the same on each 
is the sum of the atomic numbers. 


side of the arrow, as 


(b) Beta Emission 

Thorium ?24Th emits a beta particle to form a n 

and atomic number 91. This is protactinium 75;Pa. 
"tim = #3iPa +e 


thorium beta particle 
(electron) 


ew element of mass number 234 


sion of a neutron into a proton 


The loss of a beta particle results from the conver: | i 
; s unchanged while the atomic 


and an electron. Thus the mass number remain 
number (number of protons) increases by 1 unit. 


(c) Gamma Emission dnt 
When a nucleus has ejected either an alpha particle or à beta particle it has an 
excess energy which it loses in part by emitting gamma radiation. There 1s no 
consequent change in the mass number or the atomic number. 
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Fraction of original polonium 


Time (days) 


Fig. 13.4 Radioactive decay of polonium-210: in 140 days half the atoms 

in the sample disintegrate ; in a further 140 days half the remaining atoms 

disintegrate. The rate of decay is conveniently expressed by the ‘half-life’ 
period, which in this case is 140 days 


Mass number 


Atomic number 


Fig. 13.5 The uranium disintegration series: the final product is a stable 
isotope of lead 
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Thus all atoms of radioactive elements spontaneously emit alpha or beta 
particles, and these particles are often accompanied by gamma rays. Whenever 
an alpha or beta particle is emitted, a new element is formed with quite different 
physical and chemical properties from the original element. These radioactive 
changes continue spontaneously at a steady unvarying rate. They cannot be 
stopped and are unaffected by those changes (e.g. changes in temperature or 
pressure) which normally affect the rate of a chemical reaction. 

This steady unvarying rate of radioactive change is best expressed in terms of 
the time in which the number of nuclei is reduced to half its original value. For 
aparticular element the time taken for half the activity to disappear is known as its 
half-life (see Fig. 13.4). The curve in Fig. 13.4 shows that the element is most 
active during its first half-life and after this the activity falls very quickly. 


13.5 Natural Radioactive Disintegration 


The example given to illustrate the loss of an alpha particle from a uranium atom 
(?38U) is the beginning of one of the uranium disintegration series. This series 
continues by loss of alpha or beta particles through a number of radioactive 
elements until it ends with a non-radioactive isotope of lead, 206Pb. Fig. 13.5 
shows a representation of the uranium disintegration series. 

In addition to the uranium disintegration series shown in Fig. 13.5 there are 
two other naturally occurring series: (a) a second uranium series beginning with 
the isotope ?35U and (P) a thorium series beginning with 232Th. All three series 
end with stable isotopes of lead. Disintegration series which begin with 
‘artificial’ elements such as neptunium 733Np are also known. 


13.6 Nuclear Reactions 


So far we have been concerned with spontaneous nuclear reactions occurring in 
radioactive elements. Induced nuclear reactions, however, can occur when nuclei 
are struck by high-velocity particles. Such reactions may be initiated either by 
neutral particles (neutrons) or by charged particles (e.g. protons). 'Atom- 
smashing’ machines, such as the cyclotron and the linear accelerator, are used to 
give high velocities to charged particles, but they cannot accelerate uncharged 
neutrons. High-velocity neutrons are obtained from a nuclear reactor. 


(a) Fission 

Fission means ‘splitting’ and nuclear fission is a process in which a heavy nucleus 
is split into two fragments of approximately equal size; at the same time 
neutrons, gamma radiation and a considerable amount of energy in the form of 
heat are liberated. Hahn and Strassmann in 1939 announced that they had split 
a uranium-235 nucleus using slow neutrons. In this process the heavy nucleus is 
struck by and absorbs a neutron; it becomes unstable, pulsates and finally splits 
into two radioactive nuclei of roughly similar size. At the same time two or three 
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neutrons are released, each capable of splitting another uranium-235 atom. 
One way in which this may occur is 
"HU oda o PHU] > Kr + “Ba + 2j 


uranium neutron unstable krypton barium two 
isotope nucleus isotope isotope neutrons 


The two product neutrons may collide with two other uranium nuclei to liberate 
four more neutrons (see Fig. 13.6). Asa result the reaction becomes self propagat- 
ing. Such a reaction is called a chain reaction. 


IP 
TN INS z 
i g^ 
Neutron AON Wi 
a 


Fig. 13.6 Example of a chain reaction: the fission of uranium-235 by slow 
neutrons 


Mass-Energy Relationship 

When a fuel burns energy is released (i.e. the reaction is exothermic) because of 
the breakdown and formation of chemical bonds between atoms. However, in 
nuclear reaction energy is released because the forces binding the nuclear particles 
are broken. For example, when lithium atoms are bombarded with high-speed 
protons, alpha particles are produced together with an immense quantity 
energy which represents the binding energy of the lithium nucleus: 


3Li+{H — 2 5He--large amount of energy 
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This reaction results in the loss of a minute quantity of matter and the release of a 
large amount of energy. It had been suggested as early as 1905 by Albert 
Einstein that matter and energy were different forms of the same thing and that 
theoretically matter could be changed into energy. The release of such large 
quantities of energy during nuclear fission substantiated Einstein’s suggestion 
that mass and energy are related by the equation 


E = mc? 


where E is energy (in joules), m is mass (in kilograms) and c is the velocity of 
light (in metres per second). 


The Atomic Bomb 

Natural uranium is a mixture of mainly two isotopes, 733U and 753U, of which 
the former constitutes less than 1%. We have seen that the 733U isotope undergoes 
fission with neutrons. However, 733U does not undergo fission with slow neutrons 
and its presence prevents the occurrence of the self-sustaining chain reaction 
previously described. In fact, in order that a chain reaction should occur, a 
minimum mass of 233U (the critical mass) must be present. The problem of 
separating the two uranium isotopes to obtain pure 733U proved to be the major 
stumbling block in the production of the first atomic bomb. (The method actually 
employed was based on the fact that the gaseous hexafluorides of the two isotopes 
diffuse at very slightly different rates through a porous barrier.) 

An amount of ?33U less than the critical mass does not undergo a chain 
reaction because sufficient neutrons escape to the surroundings to prevent the 
possibility of chain reaction. However, when two masses slightly less than the 
critical mass are brought together, sufficient neutrons are absorbed by nuclei to 
produce fission resulting in a wildly explosive chain reaction. This was the 
principle used in the first atomic bomb. 


The Nuclear Reactor 
In the early 1940s Enrico Fermi built the first nuclear reactor (or pile). It was con- 
structed to use natural uranium rather than pure ?32U, which was extremely 
difficult to obtain. Fermi argued that if the neutrons from ?37U were slowed down 
they would be more easily captured by the small amount of 733U in natural 
uranium—and a chain reaction could be sustained. A neutron moderator of pure 
graphite was therefore used to slow down the neutrons without absorbing them. 
To regulate the rate at which fission occurs in a nuclear reactor, control rods of 
neutron-absorbing boron steel are inserted whenever it is necessary to reduce the 
number of free neutrons. Fast neutrons released by the fission of 733U are 
absorbed by 238U which is eventually converted into plutonium, a product which 
is itself fissionable. 
A nuclear reactor has thus two main functions: 
i o Fission of ?35U by slow neutrons to produce energy and radioactive 
isotopes. 
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(ii) The conversion of ?35U into plutonium, which can split up into further 
radioactive isotopes. 

An immense amount of heat energy is liberated during fission and this energy 
can be usefully employed in driving electrical generators. 


(b) Fusion of Light Nuclei 

In contrast to fission, where energy is released when the nuclei of heavy atoms are 
split into smaller fragments, energy can also be liberated when very small nuclei 
combine. Such combinations of nuclei are called fusion. 

It is believed that the source of the sun's energy is a fusion reaction in which 
hydrogen nuclei fuse to form a helium nucleus with a loss of mass and correspond- 
ing liberation of an immense quantity of energy. The fusion of nuclei will only 
take place at very high temperatures. The staggering quantity of energy produced 


in the hydrogen bomb is the result ofa fusion reaction between a hydrogen isotope 
and a lithium isotope. 


13.7 Applications of Radioactive Isotopes 


We have seen that fission produces a variety of radioactive isotopes. These, 
together with naturally occurring radioactive elements, especially radium, have 
found numerous uses in both medicine and industry. Today radioisotopes are 
usually prepared from other elements by neutron bombardment. 


(a) Radioactive Isotopes in Medicine 


Radioactive isotopes are used either to diagnose disorders in the body or to treat 
disorders by radiotherapy. 


(i) Diagnosis. Such applications include the use of 111 (radioactive iodine-131) 
in the diagnosis and treatment of thyroid disorder. The thyroid gland, located in 
the neck, is responsible for the regulation of many body processes and has the 
ability to concentrate iodine. Thus radioactive iodine can be used to diagnose an 
Overactive or underactive thyroid gland by measuring the concentration of iso- 
tope in the gland. Cancer of the thyroid can be successfully treated with the 
gamma radiation from !33I which is allowed to accumulate in the gland. 


(ii) Radiotherapy. Radioisotopes such as $9 Co (cobalt-60) have been used in 
the treatment of some forms of cancer. In this treatment, cancerous tissue 1$ 
subjected to strong gamma radiation from a cobalt-60 source. Gamma rays 
destroy the cancerous cells, as well as healthy cells, but the rapidly dividing cancer 


cells are destroyed preferentially. It is thus important to localize the area which is 
subjected to radiation. 


(b) Industrial Applications of Radioisotopes 
The uses of radioactive isotopes in industry are many and varied. A few examples 
are given in this section to illustrate their diverse application. 


(i) Mixing processes. Radioactive tracers have been used to measure the mixing 
efficiency in the Preparation of a variety of products, including cattle food and 
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chocolate. In foodstuffs it is important to choose a harmless radioisotope with a 
short half-life. A radioisotope of manganese is sometimes used to ensure the 
complete mixing of mineral additives in cattle foods. After mixing, a sample is 
tested for radioactivity before the radioactive content of the manganese tracer 
has disappeared. If mixing is complete all samples should show the same level of 


radioactivity. 


(ii) Thickness and density measurements. We have seen already that beta 
particles are capable of penetrating aluminium sheet. As the number of particles 
absorbed by the sheet is proportional to its thickness and density, measuring the 
number of particles which succeed in getting through gives an indication of how 
much material they have penetrated. This fact is used in industry for testing the 
thickness and density of materials. For example, beta-particle thickness gauges 
are used for checking the packing of tobacco in cigarettes, and in rolling mills for 
maintaining a constant thickness of metal sheet (Fig. 13.7). 


Identical 
beta 
emitters 


——— 


Metal sheet 


Roller-pressure 
control 


Automatic 
compensating 
device 


Fig. 13.7 Principle of the beta-particle gauge used for maintaining a constant 
thickness of metal in a rolling mill 


i same principle can be used in checking the level of liquids in tanks or 
cylinders (Fig. 13.8) and also in ensuring that packages contain the correct 
amount of material. 


Nes years radioactive isotopes have come to be used in more and more 
hazard : cum medical applications. The ionizing radiations emitted present à 
them is i alth either when they are sufficiently intense or when exposure to 
Ftd oe ze so it has to be borne in mind that any such material can be 
FAN if mishandled. Isotopes are kept in aluminium or lead containers, 
hands. = on the type of radiation emitted, and must not be touched with the bare 
small m Keine purposes the amount of radioactive isotope employed is very 
; it is ‘diluted’ with a non-active material for ease of handling. 
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Fig. 13.8 Principle of the beta-particle gauge used for detecting the level of 
liquid in a closed container 


Summary of Unit 13 
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Henri Becquerel discovered radioactivity in 1896 through the fogging of 
photographic film. This led to the isolation of the radioactive elements 
polonium and radium by Marie and Pierre Curie. 


. Radioactive elements may emit three types of radiation: (a) alpha radiation 


consisting of helium nuclei, (b) slightly more penetrating beta radiation 
consisting of electrons, (c) the intensely penetrating gamma radiation which 
is electromagnetic in nature. 


. Alpha and beta radiation can be detected using a gold-leaf electroscope or a 


Geiger-Müller tube, whereas gamma radiation is detected using scintillation 
counters. 


. The time taken for the activity of a radioactive isotope to decay to half its 


original value is called its half-life. 


. The loss of an alpha particle from an element causes the atomic number to 


decrease by two units and the mass number to decrease by four units. Loss 
ofa beta particle increases the atomic number by one unit but leaves the mass 
number unchanged. Gamma emission causes no change in the atomic number 
or in the mass number. 


. Fission is a process in which a heavy nucleus is split into two large fragments, 


usually accompanied by an energy release. 
A chain reaction is a self-sustaining nuclear reaction. 


. Fusion takes place when light atomic nuclei combine together to form a 


heavier nucleus. In the process a minute loss of mass is converted into a huge 
release of energy. 


. A nuclear reactor is a structure in which a controlled nuclear-fission reaction 


produces energy and radioactive isotopes. 
Radioactive isotopes find widespread application in both medicine and 
industry. 
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Test Yourself on Unit 13 


1. What is: 
(a) an o (alpha) particle? 
(b) a B (beta) particle? 
(c) ay (gamma) ray? 


2. In the following radioactive decay series: 
Ra S RBA E) 235TH 774Ra 


(a) What information about the nucleus of the radium atom does the symbol 
228Ra provide? 

(b) State whether o. (alpha) or f (beta) emission occurs in (i), (ii) and (iii). 

(c) What name is given to the first and last members of the above series? 


3. Part of the decay series of 73$Th includes: 
233Th S (X) ^ (Y) ^ (Z) ^ 7ggRa 
Give the mass number and atomic number of the elements X, Y and Z. 


4. Are the following statements true or false? 
(a) A radioactive element has a half-life of 10 minutes. One-eighth of the 
radioactive material remains after 80 minutes. 
(b) A Geiger tube detects a particles but not f particles. 
(c) Slow neutrons produce fission of ?33U nuclei. 
(d) The source of the sun's energy is a fusion reaction in which hydrogen nuclei 
fuse to form a helium nucleus. 
(e) All isotopes are radioactive. 


Mark this test out of 20 with the answers provided on page 382. 
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Working in competition with other manufacturers, the large-scale producer of 
industrial chemicals must take into account the economics of the various 
processes as well as their chemistry. Among the factors to be considered are: 

(a) cost and transport of raw materials 

(b) available labour to run the plant 

(c) energy requirements and their most efficient use 

(d) the most economic use of by-products 

(e) disposal of industrial waste 

(f) location and capital cost of the most efficient chemical plant. 

This Unit looks at the manufacture of several ‘heavy’ chemicals. It considers 
not only the chemistry of the reactions, but also some of the economic and social 
factors affecting manufacture. 


14.1 Chemicals from ‘Salt’ 


Of the many salts dissolved in sea water the most abundant is sodium chloride 
(common salt), comprising some 2-3% by weight of the major seas of the world. 
In hot dry areas salt is extracted from sea water by solar evaporation. Common 
salt occurs also in vast underground deposits throughout the world, and it is from 
these that most of the salt for commercial use is obtained. 

In Great Britain sodium chloride deposits are found in Cheshire, Lan- 
cashire and Durham. After purification the salt is used on a large scale for 
the manufacture of sodium, sodium hydroxide (caustic soda), chlorine and 
sodium carbonate. The first three of these are produced from salt by electrical 
processes. Siting of chemical plant for their manufacture is therefore influ- 
enced by the availability of salt and electricity. 


14.2 Sodium from ‘Salt’ 


Sodium is produced by the electrolysis 
ously into the Downs cell. Calcium c 
point to around 600 °C (pure sodium chloride melts at 801°C). ; 

"The Downs cell consists of a steel shell lined with refractory brick (Fig. 14-1) 
enclosing a steel cathode and a cylindrical graphite anode. j ) 

Molten sodium is liberated at the cathode in preference to calcium, the ac 
tion of which requires more energy. Being less dense than the electrolyte, ^H 
molten sodium rises as it is produced and is caught in a specially design 


"sun Il. A steel gauze 
Gaseous chlorine is liberated at the anode in the centre of the cell. A s ga : 
from coming into contact with the 


between the two electrodes keeps the chlorine : 

i c 
sodium and thus prevents any interaction between them. The reaction at th 
cathode is 


of molten sodium chloride fed continu- 
hloride is added to lower the melting 


2Na* +2e + 2Na 


and the anode reaction is 
2Cl- — Cl, + 2e 
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Fig. 14.1 Production of sodium and chlorine in a Downs cell 


sues is virtually no waste material in this reaction and therefore the problem 
waste disposal does not arise. Chlorine, the only by-product, is of great 
ommercial importance and finds a ready market: in fact chlorine is more in 


demand than sodium and this source provides only a fraction of the world’s 
requirements. 


14.3 Sodium Hydroxide (Caustic Soda) from ‘Salt’ 


Sodium hydroxide (caustic soda) is manufactured by the electrolysis of 
sodium chloride solution. The electrolysis is carried out in a mercury cell, which 
Consists of two compartments: one for the electrolytic decomposition of the 
brine, the other for the chemical decomposition of sodium amalgam (Fig. 14.2). 

In the electrolytic compartment the cathode consists of a moving stream of 
mercury and the anode consists of a number of graphite blocks. Sodium is 
liberated at the cathode (in preference to hydrogen) and dissolves in the mercury 
forming an amalgam. This sodium amalgam flows out of the electrolytic chamber 
into the decomposition chamber where it reacts with water forming sodium 
hydroxide solution, hydrogen and free mercury: 


2Na (amalgam) +2H20q > 2Na* OH Gq) HHz 
The mercury is then recycled through the electrolytic chamber. 
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Fig. 14.2 Production of sodium hydroxide and chlorine in a mercury cell 


Chlorine is liberated at the graphite anodes (in preference to oxygen) and is 
piped from the cell. 
Cathode reaction: Na* and H* ions migrate to the cathode; sodium is dis- 
charged 
2Na* +2e > 2Na (amalgamates with mercury) 
Anode reaction: CI” and OH” migrate to the anode; chlorine is discharged 


2Cl- > Cl *2e 


The chlorine manufactured by this process is no longer a by-product but is 
drogen is collected from the decom- 


itself one of the major heavy chemicals. Hy 

position chamber in a high state of purity and finds a ready market. There are no 
waste products in this reaction, but care must be taken to prevent the pollution 
Which would result from the accidental escape of either chlorine or mercury. 


14.4 Chlorine and Hydrochloric Acid 


Chlorine is manufactured during the electrolysis of sodium chloride in the 


Downs cell (Fig. 14.1) and the mercury cell (Fig. 14.2), the latter being by far m 
more important. The demand for chlorine, particularly in the manufacture o! 


organic chlorine derivatives, has made it one of the most important heavy 


chemicals. a P s 
Hydrochloric acid is manufactured by the direct combination of hydrogen an 
btained as a by-product in the 


chlorine, although quite large quantities are o 
chlorination of alkanes and other organic compounds. 


14.5 Sodium Carbonate and Sodium Hydrogencarbonate 


from ‘Salt’ 

Sodium carbonate and sodium hydrogencarbonate are manufactured in e 
Solvay (ammonia-soda) process. The raw materials are sodium chloride, 
calcium carbonate (limestone), coal and coke. 
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The first stage in the process is the production of ammoniacal brine 
(ammonia dissolved in sodium chloride solution) by passing ammonia gas up 
a tower in which it meets a downward flow of brine (see Fig. 14.35). 


Sodium 
carbonate 
powder 


carbonate 
solution 


(a) 


Fig. 14.3a Flow diagram of the Solvay process for the production of sodium 
carbonate 
The saturated ammoniacal brine is then pumped to the top of a second tower 
(known as the carbonator) and allowed to trickle down while carbon dioxide is 
pumped in under pressure at the base. Sodium hydrogencarbonate is precipi- 
tated in the lower, cooled, part of the carbonator. The reactions taking place in 
the carbonator can be summarized as follows: 


NH; CO;, + H0, > NH; HCO; ag 
NH4 HCO3 ag + Na* Cloy > Na* HCO;, +NHj Cl, 


(aq) 


The suspension of sodium hydrogencarbonate is filtered, dried and heated 
to form the carbonate: 


2Na*HCO3, > Na? CO3;,+H,0,4)+ CO») 


The carbon dioxide produced in this reaction is recycled, but the main supply 
for the carbonator is obtained by heating limestone with coke in kilns: 


Ca?* C035, > Ca?* 075) CO, 
An alternative source of carbon dioxide is the burning of coke: 
Co 0 > CO; 


The calcium oxide produced in the lime kiln is ‘slaked’ with water and mixed 
with the filtrate from the carbonator (ammonium chloride solution). Ammonia 
is liberated on heating this mixture and is used to saturate more brine. 

Ca? tO; +H20 — Ca? (OH 4 


Ca?* (OH); -2NH; Cla, — Ca? "Cl, +2NH3 iq) +2H20 9 
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Fig. 14.3b Location of the reactions in the Solvay process 


The Solvay process is one of the best examples of an efficient chemical process. 
The only by-product is calcium chloride, and the raw materials (salt, limestone 


and coal) are readily available. It is advantageous to site the plant close to a river 


or lake since large quantities of cooling water are needed for removing the heat 
produced in the carbonator. 


14.6 Chemicals from Limestone 


nate. It occurs in vast deposits through- 


Limestone rock is mostly calcium carbo thro 
duction of calcium oxide (quicklime), 


out the world and is used for the pro 
calcium hydroxide (slaked lime) and cement. 


(a) Calcium Oxide (Quicklime) 
Quicklime is manufactured from limestone by hi 
—a steel or brick tower lined with firebrick (see Fig. 14.4). 
fuel for heating the kiln. 

The limestone, introduced continuously at the top, decomposes and is RENONS 
as quicklime from the bottom of the kiln: 


Ca?* COZ > Ca^ * Oy +CO2w 


eating it strongly in a /ime kiln 
Coal is used as the 
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Fig. 14.4 Lime kiln used for the conversion of calcium carbonate 
(limestone) into calcium oxide (quicklime) 


(5b) Calcium Hydroxide (Slaked Lime) A 
When water is added to calcium oxide (quicklime) a highly exothermic 
reaction occurs as the oxide is ‘slaked’ to calcium hydroxide: 


Ca?* 02> +H20q > Ca?*(OH™) a4) 

Vast quantities of calcium h 

to neutralize acid soils, 
making mortar. 

Mortar is a mixture of calcium hydroxide (slaked lime), sand and water. It 


hardens when the calcium hydroxide absorbs and reacts with carbon dioxide 
from the air, forming calcium carbonate: 


ydroxide (slaked lime) are used in agriculture 
in the manufacture of sodium carbonate and in 


Ca*^* (OH), - CO, > Ca? + COR -H;0q, 


(c) Cement 

Millions of tons of limestone are used annually in the production of cement. 
Limestone and clay are mixed in the necessary proportions and ground to a fine 
powder. This powder is then strongly heated in a huge sloping rotary kiln. The 
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incandescent mass undergoes chemical change as it passes down the kiln, finally 
emerging as an aggregate which is cooled and then crushed to an extremely fine 
powder. This is Portland cement. 

Cement, a complex silicate, is used to make concrete, the major non-metal 
Structural material of our technological society. Concrete is formed when 
cement, sand and gravel are mixed to a paste with water. The cement reacts 
with the water to form products which cling to the sand and gravel and in so 
doing harden to a synthetic rock. 

Lime kilns and cement works tend to be sited as near as possible to a source of 
limestone, and preferably not too far from a coalfield. 


14.7 Sulphuric Acid 


The most important method for the manufacture of sulphuric acid is the 
contact process. The principal raw material for this process is native sulphur 
or, to a lesser extent, some sulphur-containing compound such as pyrites (an 
iron sulphide). 

Sulphur is burned in excess dry air to form sulphur dioxide. The gas mixture 
(sulphur dioxide and air) is filtered to free it from dust and then passed through a 
series of converters (see Fig. 14.5) containing trays of vanadium(v) oxide (vana- 
dium pentoxide) which acts as a catalyst. Sulphur dioxide and oxygen from the 


àir combine on contact with the catalyst in an exothermic reaction to produce 
sulphur trioxide: 


280,4- 0; > 2805 


Cooling air is used to maintain the temperature in the converters at 
approximately 450°C. 

The sulphur trioxide is absorbed in 98-99% sulphuric acid to form oleum 
(fuming sulphuric acid): 


H28044--SO4(, > H2S,074) 


Suitable dilution of the oleum gives sulphuric acid of any desired concentra- 
tion. 

In the contact process the catalyst is surface active. This means that gas 
reactions take place on the surface of the catalyst, which must therefore provide a 
large surface area. Dust will teduce the effective surface area and may even 
react with the catalyst, ‘poisoning’ it and further limiting its efficiency. However, 
vanadium(v) oxide is a reasonably efficient catalyst for the oxidation of sulphur 
dioxide and is not readily poisoned. 

In a sulphuric acid plant one of the most important factors is the cost of 
producing pure, dust-free sulphur dioxide. Although it is cheaper to produce 
sulphur dioxide from sulphur ores rather than from native sulphur, the saving 

may easily be offset by the extra expense of purifying and removing dust from the 
gas. Such problems of economics are common in industrial chemistry and the 
manufacturer must weigh them carefully. It may well prove cheaper in the 
long run to use the more expensive native sulphur. 
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14.8 Ammonia 
The synthesis of ammonia from nitrogen and hydrogen is carned out in 
Haber process: 


thc 


Naw 3H34 = 2NH,4 


This is an exothermic reaction and under normal conditions of temperature and 
pressure is extremely slow. To increase the rate of the reaction finely divided iron 
is used as a catalyst. (Note that the introduction of a catalyst also increases the 
rate of the reverse reaction; however, it enables the equilibrium position to be 
reached more rapidly.) The optimum conditions from the point of view of cost 
and efficiency are a moderately high temperature of 500 C and a pressure of 
150-300 atmospheres. Under these conditions the equilibrium mixture contains 
approximately 15% of ammonia. The ammonia is removed from the unchanged 
nitrogen and hydrogen by liquefaction, and unchanged gases are recycled over 
the catalyst. i 

In the United States almost all of the hydrogen for the ammonia synthesis is 
a from natural gas (methane) by reaction with steam, using a nickel 


CHa. +H,0,,, + CO 


LI 


, +3H x.) 

a died proportion of hydrogen is now being produced in the 
hydrogen is still sos A and petroleum products (naphtha) Some 
monoxide) by evil water gas (a mixture of hydrogen and carbon 
400°C: and passing it over an iron(m) oxide catalyst at 


Hawt C04, tH Ow + 2H, + CO 
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Ostwald process. In this process ammonia is first oxidized to nitrogen monoxide 
(nitric oxide): 


4NH57-50; ^ 4NO,, -6H;0(, 


An ammonia-air mixture containing approximately 10% ammonia is passed 
over a platinum-rhodium gauze catalyst. The reaction is exothermic and, once 
started, maintains the catalyst at approximately 900°C. 

On cooling, the nitrogen oxide reacts with air to produce nitrogen dioxide: 


2NO4,4-054 > 2NO; 
Absorption of the nitrogen dioxide in water produces 60-65% nitric acid: 
3NO;-H20q > 2H* NO; - NO, 


Precautions are taken to ensure that gases leaving the absorption tower do not 
pollute the atmosphere with oxides of nitrogen. 


14.10 Fertilizers 


Fertilizers are added to the soil to provide elements which are essential to plant 
life. The most important of these elements are nitrogen, phosphorus and potassium. 

Nitrogen is absorbed by plant roots as nitrate (NOs) or as ammonium 
(NH3). Nitrogen from the air is converted to ammonia in the Haber process 
and almost all of this is used in the manufacture of nitrogenous fertilizers 
such as ammonium nitrate, ammonium sulphate and ammonium phosphate. 

Phosphate fertilizers are obtained from phosphate rock which is treated 
with sulphuric acid in order to convert it to superphosphate. This superphos- 
phate is soluble (unlike the phosphate rock) and consists of a mixture of 
calcium dihydrogenphosphate and calcium sulphate. 

The most important potassium fertilizer is the chloride, most of which is 
imported into the United Kingdom from eastern Europe. However, there are 
huge deposits of sylvinite (a mixture of potassium chloride and sodium 
chloride) in north Yorkshire, and it is hoped that this source will provide 
sufficient potassium for the United Kingdom's needs. 

A whole range of compound fertilizers containing nitrogen, phosphorus and 
potassium in varying proportions is now manufactured. These are mixtures 
of simple fertilizers such as ammonium nitrate, potassium chloride and 
superphosphate. Care is taken to produce a granular, free-flowing, easily 
handled fertilizer to aid the farmer. Fig. 14.6 shows some of the interrelations 
between the heavy-chemicals industry and fertilizer manufacture. 


14.11 Iron and Steel 


Iron ore is one of the few metal ores found in large quantities in the United 
Kingdom. But the iron content of this ore, although adequate to meet the 
demands of the Industrial Revolution which it made possible, is relatively low 
and Britain now has to buy high-grade ores from abroad. 
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Fig. 14.7 Production of iron in a blast furnace 
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The ore is smelted in a blast furnace to produce pig iron. The ‘charge’ of iron 
ore, limestone and coke is fed in through the top of the furnace via a bell arrange- 
ment which prevents the escape of furnace gases (see Fig. 14.7). 

Air is blown (hence the name ‘blast’ furnace) through pipes called tuyéres 
located towards the base of the furnace. Oxygen of the air reacts with the coke to 
produce heat and carbon monoxide: 


2€, +O > 2CO 
Carbon monoxide then reduces the heated iron ore to iron: 
Fe?*0254- 3CO,, > 2Feq + 3CO x.) 
(iron ore) 


The heated limestone decomposes to form calcium oxide, and this acts asa 
‘flux’ which removes silica (the major impurity in the ore) as molten calcium 
silicate called slag: 


s) 


2+02- H 2*«:102- 
Ca^* OG; -- SiO, > Ca?*SiO2; 
(silica) (slag) 


Ca? * COS, + Ca? tO? - CO, 


Molten iron, containing dissolved carbon and other impurities, settles to the 
bottom of the furnace with the molten slag floating on the top of it. 

At regular intervals the molten iron and slag are run off (‘tapped’) and more 
raw materials are fed in at the top. The whole process is continuous. 

A modern blast furnace is a steel cylinder lined with firebrick. Massive 
quantities of pre-heated air are blown through the tuyéres so that the 
temperature at the base of the furnace is maintained at approximately 1400°C, 
whereas at the top of the furnace the temperature falls to near 200°C. 

Most of the iron produced is used to make steel by reducing its carbon content. 
Pig iron contains about 4% carbon, whereas steels have a carbon content in the 
0-1-2% range. After suitable treatment the slag finds widespread use as a light- 
weight building material, in cement manufacture and as a road-building 
material: it is not the waste product that it used to be. 


14.12 Aluminium 


Aluminium, the most abundant metal in the earth's crust, occurs in clay, slate and 
silicate rocks. However, compounds of aluminium are so strongly bonded that 
it is difficult to extract the metal from its ore: a high-energy process such as 
electrolysis is necessary. The Problem here is that aluminium ores are neither 
easily melted nor readily soluble, so it is difficult to find a suitable electrolyte. 
Fortunately, C. M. Hall, an American chemist, discovered that aluminium 
oxide will dissolve in molten cryolite (Na$ AIF2-). The Hall cell used for the 
production of aluminium nowadays is shown in Fig. 14.8. 

Electrolysis takes place at 900-1000°C in à graphite-lined iron tank. The 
graphite lining acts as the cathode, while blocks of a specially formulated mixture 
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Fig. 14.8 Production of aluminium in a Hall cell 


of pitch and coke (carbon) are used as anodes. Cryolite is first added to the cell 
and melted by the current. Purified bauxite ore (aluminium oxide) is dissolved in 
the molten cryolite and more is added at intervals while electrolysis takes place. 


Cathode reaction: 
2AP* --6e > 2Al 
Anode reaction: 
3C + 30?- 2 3CO + 6e 


(from the 
anode) 


Vast quantities of electricity are consumed during the electrolytic process, and 
for this reason aluminium plants are situated where electricity is cheap and 
plentiful. At present large quantities of aluminium are imported into the United 
Kingdom, but with the advent of cheap electricity from nuclear power the 
production of local aluminium will increase. 

Deposits of bauxite are found in many parts of the world, including France, 
India, Malaysia, Africa, the United States and Canada. Natural cryolite is found 
only in Greenland. Much of the cryolite used in the production of aluminium is 
manufactured synthetically from bauxite. 


14.13 Soaps and Detergents 


The term ‘detergent’ is used to describe cleansing agents in general, and under 
this heading we include both soap and synthetic detergents. A detergent has two 
main functions: (a) it makes water ‘wetter’ and (b) it helps in the removal of 
grease and dirt. 


(a) Detergents as Wetting Agents 
Water without detergent is poor at wetting things. If you dip your hand into a 
bowl of water and remove it you will notice that your hand is not uniformly wet. 
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Now add some detergent to the water and mix it by stirring with your hand. 
Remove your hand and notice that now it is covered with a layer of water. It is 
uniformly wet. The detergent lowers the surface tension of the water and thus 
enables the water to wet the surface of the skin. 

Surface tension is caused by the forces of attraction between molecules in a 
liquid. At the surface this produces an effect like a stretched elastic film or ‘skin’ 
because there is a tendency for molecules to be pulled into the body of the liquid. 
When a detergent is added to water the ‘skin’ is weakened and the water tends to 
spread out. 

Fig. 14.9 shows this effect when pure water and water containing detergent are 
placed on a piece of fabric. 


Ln URL uri M MUN 


Fig.14.9 Left: forces (represented by arrows) acting in the surface of a 

water droplet keep it almost spherical. Right: addition of ‘head-and-tail’ 

detergent molecules reduces the surface tension, allowing the droplet to spread 
out and wet the fabric 


xdi 


(b) Removal of Grease Particles 


The removal of grease by a detergent (soap) has already been described in 


Section 6.16, and the nature of “head-and-tail’ detergency is illustrated in Fig. 
6.15. 


14.14 Manufacture of Soap 


The raw materials for Soap-making are animal and vegetable fats and oils. 
Vegetable oils include ground-nut, palm, coconut and many others, while 
animal fats include whale, beef and mutton tallow. Many millions of tons of these 


oils and fats are Produced each year for a variety of uses, of which soap 
manufacture is only one. 


Oils and fats are esters. An ester is a product of reaction between a 
carboxylic acid and an alcohol (see Section 11.102): 


ACID-- ALCOHOL + ESTER + WATER 


The parent acid of an ester from an oil or fat has a long carbon-chain backbone, 
e.g. octadecanoic (stearic) acid, Ci;H5,COOH, while the alcohol is glycerol 


CH,OH 
CHOH 


CH,0H 
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Thus the ester formed between glycerol and octadecanoic (stearic) acid has the 
formula 


C,,H4,COOCH, 
C,4H4,COOCH 
C,;H4,COOCH, 


and is one of the main components of beef and other animal fats. 

In the soap-making process a blend of oils and fats is treated with alkali 
(usually sodium hydroxide) in a huge steam-heated vat. The esters are con- 
verted to the parent alcohol and soap (the sodium salt of the acid) in a process 
called saponification. 


C,7H3;COOCH, CH;OH 
C,;H5,COOCH-i-3Na* OH, 3C; H;,COO- Naz, + CHOH 
| (sodium tr 
soap) 
C,;H4,COOCH;,, CH20H aq) 
(glyceryl ester of stearic acid) (glycerol) 


During the saponification process a great deal of heat is generated, but to 
complete the reaction the mixture is finally boiled. The mixture of soap, glycerol 
and water is separated by adding sodium chloride (salt). This ‘salting-out’ 
process solidifies the soap since it is only slightly soluble in salty water. Brine and 
glycerine form a single solution while the soap floats to the top. After removal 
from the solution, the soap is processed and perfumes, colouring agents and 
fillers are added. 


14.15 Synthetic Detergents 


Liquid and solid synthetic detergents, sometimes called ‘soapless soaps’, are 
manufactured from petrochemicals and not from animal and vegetable fats and 
oils. They are an improvement on, rather than a substitute for, ordinary soap, 
Producing an abundant lather. In addition they are not alkaline like many soaps 
and have excellent cleansing properties. 

te m solution has an anionic carboxylate group attached to a hydrocarbon 
chain (R): 


One type of soapless detergent is also anionic with a long hydrocarbon chain 
attached to a negative sulphonate group. The sulphonate group is introduced by 
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treating an alkylbenzene with a sulphonating agent such as sulphuric acid, 
Neutralization then produces the sodium salt. A typical alkylbenzene might be 


CH, IL "CH, CH, GH, CH=CH 
MU 
E ux Ww 


| 
| 
| 
| 


| CH=CH 
(alkylbenzene) 


The sulphonated alkylbenzene could thus be 
CH—CH 


CH, CH, CH, CH, CH, 
STS ie ii 
H;C CH, CH, CH, CH, [o 


C—SO; Na+ 
` 


CH=CH 


Once again there is a long hydrocarbon chain with an anionic group at the end. 

An important difference between soapless detergents and soap is their reaction 
with hard water containing calcium and magnesium ions. Soap produces an 
insoluble scum of calcium or magnesium stearate, whereas soapless detergents 
form no scum because the calcium and magnesium alkylbenzene sulphonates 
are soluble. 

In the manufacture of soapless detergents, oleum (fuming sulphuric acid) 
reacts with the alkylbenzene to produce the sulphonated alkylbenzene and 
sulphuric acid. The addition of water dilutes the sulphuric acid, which separ- 
ates and is removed. The remaining sulphonated alkylbenzene is neutralized 
with sodium hydroxide solution to form sodium alkylbenzenesulphonate— 
the synthetic detergent. 

Before packaging, bleaches, fluorescent materials, perfumes, phosphates and 
other chemicals are added to improve the properties of the detergent. 


Summary of Unit 14 


1. Heavy chemicals are those manufactured on a large scale. 

2. Sodium chloride occurs extensively and is used for the manufacture of the 
heavy chemicals sodium, chlorine, sodium hydroxide and sodium carbon- 
ate. 


3. Sodium is manufactured in the Downs cell by the electrolysis of molten 
sodium chloride. 
- Sodium hydroxide is manufactured by the electrolysis of an aqueous solu- 
tion of sodium chloride in a mercury cell. 
5. Chlorine is obtained from both the Downs cell and mercury cell. Demand 
for chlorine exceeds that for either sodium or sodium hydroxide. 
6. Hydrochloric acid is produced either by the direct combination of hyd- 


rogen and chlorine, or as a by-product in the chlorination of organic 
compounds. 
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7. Sodium carbonate is manufactured in the Solvay process from sodium 

chloride, calcium carbonate (limestone) and coal. 

Limestone is the source of calcium oxide (quicklime), calcium hydroxide 

(slaked lime) and cement. 

9, Sulphuric acid is manufactured in the contact process by the catalytic 
oxidation of sulphur dioxide. Oxygen is obtained from the air, and 
sulphur dioxide from sulphur. 

10, Ammonia is synthesized from nitrogen and hydrogen in the Haber pro- 
cess. 

11. Nitric acid is produced from ammonia by catalytic oxidation. 

12. Ammonia, nitric acid and sulphuric acid are used in the manufacture of 
fertilizers. 

13. The blast furnace produces iron from iron ore. Most of the iron produced 
is used to make steel. 

14. The electrolysis of purified bauxite dissolved in molten cryolite produces 
aluminium. 

15. A detergent is a cleansing agent and includes both soap and synthetic 
detergents. 

16. Soap is manufactured by the saponification of animal and vegetable fats and 
oils, whereas synthetic detergents are manufactured from petrochemicals. 


LJ 


Test Yourself on Unit 14 


1. Sodium is manufactured by the electrolysi 

containing calcium chloride in the Downs cell. 
(a) Does this process use alternating or direct current? 
(b) Why is calcium chloride added? 
(c) Name the product at (i) the cath 
showing their discharge. 


s of molten sodium chloride 


ode and (ii) the anode. Write equations 


2. Ammonia, a heavy chemical, is manufactured by the combination of nitrogen 
catalyst at a temperature of 


and hydrogen in the presence of a finely divided iron 
500°C and 150-300 atmospheres pressure. 
(a) What is meant by the term ‘heavy chemical’? , 
(b) What is the name given to this method of producing ammonia? 
(c) Name the sources of nitrogen and hydrogen. 
(d) What is the purpose of the catalyst? 
(e) Why is the catalyst finely divided? ; 
(f) Write a balanced equation for the reaction, including state symbols. 


. (g) In this process the conversion of nitrogen and hydrogen to «pasen is 
incomplete. How is the ammonia separated from the unchanged nitrogen an 
hydrogen? 
3. Complete the following sentences on the smelting of iron ore. 

(a) The charge in the blast furnace is usually 
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(i) iron ore and coke 
(ii) coke, iron ore and air 
(iii) limestone, coke and iron ore 
(iv) limestone, sand and iron ore 
(b) Slag is 
(i) molten sand 
(ii) molten iron 
(iii) iron pyrites 
(iv) molten calcium silicate 
(c) The main reducing agent in the blast furnace is 
(i) iron ore 
(ii) carbon monoxide 
(iii) hydrogen 
(iv) limestone 


(d) The impure iron that comes from the blast furnace contains about 
(i) 0-27; carbon 
(ii) 4% carbon 
(iii) 10% carbon 
(iv) 207; carbon 
(e) Steel contains 
(i) 0-1-2% carbon 
(ii) 5-10% carbon 
(iii) no carbon 
(iv) more than 10% carbon 


4. In the contact process for the manufacture of sulphuric acid: 
(a) What are the raw materials used? 


(b) Name the product formed when these raw materials are burned together. 
(c) Write an equation for the reaction taking place in the catalyst chamber. 


(d) Name a suitable catalyst for the reaction. 


(e) How is the gas formed in the catalyst chamber converted into sulphuric 


acid? 
(f) State one important use of sulphuric acid. 


5. Mark the following statements true or false: 


(a) The only important by-product in the Solvay process is sodium hyd- 


rogencarbonate. 
(b) Nitric acid is manufactured by the oxidation of ammonia. 


(c) Nitrogenous fertilizers include ammonium nitrate, urea, ammonium 


sulphate and ammonium phosphate. 


(d) Oils and fats are converted to soap in a process called esterification. 


(e) Detergents include both soap and synthetic detergents. 


Mark this test out of 30 with the answers provided on page 383. 


Unit Fifteen 
Matter, Society and the Environment 


RESOURCES 
Coal, natural gas, mineral, 
radiochemical etc. 


Human beings and the 
population explosion 


Food production 


Food additives 
and preservatives 


Depletion and conservation 
of natural resources 


Chemicals in the prevention 
and treatment of illness 
Abuse and harmful nature 
of some chemicals 


Pollution 
(natural and artificial) 
Land pollution Water pollution 


In recent years bad publicity accorded to the chemical industry by the media 
has generated concern in the minds of both the public and some scientists. 
The hazards associated with large chemical plants have been forcibly brought 
to people's attention through, for example, the explosion at Flixborough and 
by the escape of poisonous fumes at both Seveso and Bhopal, while the 
nuclear leak at Three Mile Island and more particularly the accident at 
Chernobyl have raised anxiety concerning the safety of nuclear plants. 

The great importance of the chemical industry cannot be overstated, how- 
ever. For example, the chlor-alkali industry manufactures chlorine, sodium 
hydroxide and sodium carbonate (see Unit 14) used for making soap, de- 
lergents, solvents, glass and ceramics. The organic chemical industry, based 
first on coal tar and then on petroleum, manufactures a vast range of products 
including plastics, fibres, solvents, explosives, pharmaceuticals, pesticides, 
dyestuffs and paints. 

' The economic importance of the technological revolution in manufacturing 
industry has to be balanced against the inevitable hazards accompanying the 
manufacturing processes. Because there is such potential danger in many of 
these Processes, responsible chemical industry takes stringent precautions to 
avoid disaster, and bodies such as the United Kingdom's Health and 
Safety Executive and the regional water authorities administer appropriate 
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Government legislation. Such precautions cost money, however, and a bal- 
ance has to be struck between cost and safety. 

The chemical industry uses vast quantities of raw materials. Recently fears 
have arisen concerning the possiblity of the exhaustion of natural resources 
such as coal, petroleum and other minerals. A consequence of the increasing 
consumption of these resources is the steadily increasing fear of the pollution 
of the environment caused by industrial production, intensive farming and 
transport. 

This unit aims to identify some of the natural resources available, and 
looks at their use and abuse in our increasingly technological society. 


15.1 The Population Explosion 


It took hundreds of thousands of years for the world population to reach 300 
million, which it did about two thousand years ago. Only sixteen centuries 
were then needed for it to double to about 600 million. From then onwards 
the time taken for the world population to double has decreased rapidly. Fig. 
15.1 predicts the population in the year 2000 to be approximately 7000 mil- 
lion. 


i oh- m 
O o o [2] 


World population (billions) ——»- 


o 


o (600 Å 2000 
1900 


(birth of 
Christ) 
Time (years A.D.) ——— 


Fig. 15.1 The population explosion 


More people require more food, fuel and energy, together with more of the 
basic natural resources, and the fear is that all these will be consumed at 2 
faster rate than they can be replenished. 


15.2 Energy Resources 
(a) Fossil Fuels 


Our society today depends on the availability of reliable sources of energy. 
World energy reserves are assessed in terms of a unit Q, where 1 Q is equi 
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valent to the energy content of 25 000 million tonnes of oil—a staggeringly 


large quantity, which is greater than the energy content of the oil transported 


by 100 000 large oil tankers. 
Crude oil, like coal and natural gas, is a fossil fuel, largely made up of the 


fossilized remains of minute creatures. The refining of crude oil (petroleum) 
is described in Section 11.5. The fossil fuels are by far the most important of 
our energy reserves at the present time. It has been estimated that the total 
reserves of these fuels amount to about 260 Q. 

The annual world consumption of energy is less that 0-5 Q. So how long will 
the fossil fuels last? This is not an easy question to answer as there are so 
many variables to be considered. The efficiency for recovering most oil 
reserves is only of the order of 50%; the world energy demand may increase 
markedly with industrial development; population growth will increase the 
demand for energy. The projected annual energy demand related to popu- 
lation growth is illustrated in Fig. 15.2. The graph shows how long reserves 
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Fig. 15.2 Projected annual energy demand 


would last if fossil fuels were the only means of supplying the energy demand 
(it assumes 100% recovery of oil reserves). Fossil fuels are thus a finite energy 
source—that is, they cannot be replaced once they have been used. Alternative 


energy sources are therefore being sought. 


(b) Alternative Energy Sources 
There are essentially only two ways of meeting our future energy oe 


the availability of fossil fuels diminishes. One is the exploitation of natural 
resources such as solar energy, tidal energy and geothermal energy, energy 
from sea waves and the use of wind-powered generators, together with more 
traditional hydroelectric power schemes (we can deal with only some of these 
in this book). The other is the use of nuclear fuels. 
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(i) Energy from the sun 

Section 13.6 describes two types of nuclear reaction: nuclear fission and 
nuclear fusion. The origin of the sun’s energy is believed to be a fusion 
reaction in which two hydrogen nuclei fuse to form a helium nucleus with a 
loss of mass and corresponding liberation of an immense quantity of energy. 
The sun converts over 500 million tonnes of hydrogen into helium every 
second, resulting in the radiation of 9 billion Q of energy in a year. Of this 
the earth receives only some 3000 Q per year. Some is absorbed by the earth’s 
atmosphere, and some warms the surface of the earth and is returned to the 
atmosphere by radiation or by evaporation of water. Only 1-2 Q is harnessed 
through photosynthesis for storage into chemical energy (see Sections 6.10 
and 12.8). 

Currently much effort is being directed towards the production of electricity 
from the sun’s energy using photoelectric solar cells; the most promising direct 
use of solar energy is in the use of solar panels for heating water for domestic 
and industrial use. Modern buildings are now being designed to use direct 
solar heating more efficiently. 


(ii) Tidal energy 

Tides are caused by the gravitational attraction of the moon and to a lesser 
extent the sun. The rise and fall of the water between high and low tides is a 
source of energy, and the conversion of this tidal energy into a usable form is 
currently receiving considerable attention. Although a tidal power station is 
now operating in France, the problems and expense of building such power 
Stations at present far outweigh the gain which such effort produces. 


(iii) Geothermal energy 

The centre of the earth consists of molten rock. This vast heat energy source 
beneath the earth’s crust is as yet largely unused. Some of this heat energy is 
transferred to the surface averaging 0:05 W m? over the whole of the earth’s 
surface, a figure which remains remarkably constant and is largely lost to the 
atmosphere. 

Where the molten rock comes close to the surface there is the possibility of 
it breaking out through the crust as in volcanoes. When underground water 
comes close to the hot rock it can be expelled as steam and hot water in 
geysers and hot springs, and in certain places this steam has been harnessed to 
drive electric generators and provide local heating. At the time of writing, 
studies are also being carried out on the practical possibility of pumping water 
down to considerable depths to be heated by hot dry rocks and returned to 
the surface for use. The quantity of useful energy derived from this source is 
at Present minute, however. Such useful energy is called hydrothermal energy 
(meaning ‘energy from hot water’). 

Potentially this is a vast source of energy as yet unexploited which has none 
of the hazards associated with radioactivity. In the future, geothermal energy 
could become more important than energy derived from fossil fuels. 
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(iv) Nuclear energy 
Almost 20% of the United Kingdom’s electricity is generated by nuclear 


power. Nevertheless, the nuclear debate continues. 

A nuclear power station differs from a coal- or oil-fired station principally 
in the source of heat. In a nuclear station the heat comes from the energy 
released in a fission reaction involving usually uranium or plutonium. 

Two basic types of reactor use nuclear fission: thermal reactors and fast 
reactors. In a thermal reactor, atoms of uranium or plutonium are split by 
neutrons, releasing energy as heat and more neutrons to sustain a controlled 
chain reaction. Natural uranium consists mainly of uranium-238 with only 
0:6% of uranium-235, but it is this small amount of uranium-235 that is 
easily split by slow neutrons. The probability of the fission of ??5U by slow 
neutrons is in fact much greater than the fission of 2380 by fast neutrons. 
Thermal reactors use a moderator to slow down the neutrons so they are able 
to react with the uranium fuel (often enriched with 2350). Magnox reactors 
and advanced gas-cooled thermal reactors (AGR) use graphite as a moderator, 
and in both the heat is transferred from the reactors to the generators by gas. 
Pressurized water thermal reactors (PWR) use water as both moderator and 
coolant, An AGR and a PWR are illustrated in Figs. 15.3 and 15.4 re- 
spectively. 


Control rods 


Concrete pressure 
vessel Electricity-generating 


Steam generator 


Graphite moderator 


"i GR). Fuel: 
U-enriched uranium dioxide. Moderator: graphite. Heat extraction: carbon 


dioxide gas transfers heat to water in a steam generator. 


Fig. 15.3 Diagram of an advanced gas-cooled reactor (A 


There is a worldwide expectation that fast reactors, using plutonium fuel 
Produced in the thermal reactors, will be a major Source of electricity pro- 
duction in the future. The plutonium requires no moderator, being readily 
Split by fast neutrons. Liquid sodium is often used as a coolant. (Fig. 15.5). 
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Electricity-generating 


plant 
Control 


rods =< Pressurizer 


Fig. 15.4 Diagram of a pressurized water reactor (PWR). Fuel: 
235U-enriched uranium dioxide. Moderator: water. Heat extraction: water in 
reactor transfers heat to water in a separate circuit. 


Reserves of uranium are finite, but ‘spent’ fuel from a thermal nuclear 
reactor contains a high proportion of unused uranium together with plu- 
tonium produced in the reactors. Spent fuel is therefore reprocessed to recover 
uranium and plutonium, leaving only comparatively small amounts of nuclear 
waste. This waste contains fission products such as radioisotopes 38Sr, $3°Cs, 
Cs and $3°I. These have different half-lives and decay to stable isotopes with 
the emission of dangerous beta and gamma radiation. These damage living cells, 
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Reactor 
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Steam generator 


| 
H 
| 
| 
|| 
| 
Primary — Fuel "-— 
vessel elements heat || 


exchanger 
Cool sodium 


Fig. 15.5 Diagram of a sodium-cooled fast reactor. Fuel: plutonium and 
uranium dioxide. Moderator: none. Heat extraction: molten sodium transfers 
heat to water in a steam generator. 
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and in large doses this can be fatal to the organism; even in smaller doses they 
can cause cancer and genetic mutations. The toxicity of these radioactive 
materials is enhanced by the body concentrating specific isotopes; for instance, 
3üSr collects in bones because it resembles calcium in its chemistry (bone tissue is 
made up largely of calcium salts). Human beings and other species towards 
the end of a food chain are particularly vulnerable to the dangers of such 
radioisotope concentration. The safe disposal of nuclear waste therefore poses 
one of the major problems in a nuclear power station. 

The electricity-generating industry is investigating new methods for the 
disposal of fission products produced in power stations. One method that has 
been studied in detail is the disposal of liquid waste in glass blocks that may 
be either stored or buried. 

The possible environmental consequences of an operational nuclear accident 
becamestarkly evident after the 1986 Chernobyldisasterinthe USSR. TheRMBK 
water-cooled graphite-moderated reactor (see Fig. 15.6) exploded and caught 
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Electricity-generating plant 
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Fig. 15.6 Diagram of the Chernobyl RM BK reactor. Fuel: uranium dioxide. 
Moderator: graphite. Heat extraction: water. 


ae the graphite burned and part of the core melted. The radioactive plume 
at Passed over Europe contained volatile fission products, particularly iodine 
a coun, and there was widespread contamination of land, water and 
eat Incidents such as this, together with the accident at the Three Mile 
eee station: ts e USA aed the 1957 Sellafield (Windscale) leakage, 
e to an increasingly active lobby in many countries against nuclear 


15.3 Mineral Resources 


Wi ; à È 
E ith the growth of world industrial production there has been à correspond- 
g increase in the consumption of mineral resources. For example, since 1900 
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steel output has risen twenty-five times and aluminium production almost 
two thousand times. This ever-increasing use of our mineral resources has 
recently given rise to concern about their possible exhaustion. 

Consider, for instance, the extraction of aluminium from bauxite (see 
Section 14.12), iron from haematite (see Section 14.11) and chemicals from 
rock salt (see Unit 14). In any such process, account has to be taken of the 
following factors: 


(a) the location and quantity of the mineral depositis, 

(b) the economics of obtaining the mineral from its ore, 

(c) the rate of consumption of the mineral, 

(d) the possibility of recycling (particularly in the case of metals), 

(e) the environmental impact caused by the holes and scars resulting from 
mining and quarrying, 

(f) the enormous requirement of many mining and extraction processes for 
water, and the consequent pollution problems, and 

(g) the use of large amounts of energy. 


One of our major sources of minerals is the sea. Sea water is an aqueous 
solution of dissolved salts, gases and organic molecules, containing also 
suspended solids of both organic and inorganic origin. The major constituents 
include eleven ionic species (see Table 15.1) which together make up over 
99:9% of the dissolved solids in sea water. Of these, bromine and magnesium 
are of particular importance for extraction. 


Table 15.1 Ionic constituents of sea water 


Concentration 
Constituent (g/kg sea water) 
— See EE G ee 

Chloride, C17 19-35 

Sodium, Na* 10-76 

Sulphate, S0347 271 
Magnesium, Mg?* 1:29 

Calcium, Ca?* 0-41 

Potassium, K * 0-39 
Hydrogencarbonate, HCO; 0:14 

Bromide, Br ^ 0:067 
Strontium, Sr?* 0-008 

Boron, as H3BO; 0-004 

Fluoride, F^ 0-001 


Many other elements, including iron, manganese, copper and cobalt, are pres- 
ent in very small concentrations, but these represent significant amounts when 
considering the vast quantities of water in the seas. In the future, extraction 


of some of these elements may perhaps become economically viable as other 
Sources become depleted. 
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15.4 Pollution 


A definition of pollution is not easy, because it depends to a large extent 
upon those environmental qualities which a person considers to be of value. 
We can say, however, that the environment has been polluted when a sub- 
stance, or a form of energy (such as heat or radiation), or a disturbance such 
as sound is added to the environment at a rate faster than the environment 


can accommodate it, so that it adversely affects not just human beings but 


life in general. 

Pollution is therefore not a new phenomenon. No 
by human beings. Even nowadays the pollution produced by a large volcanic 
eruption (such as that of Mount St Helens in the USA) can dwarf the human 
contribution. Pollution by people has only been significant since their 
numbers increased to such an extent that the environment became unable to 
assimilate and process all of the waste products that result. 

There is a limit to the earth's size, energy reserves and non-renewable 
mineral resources. The more people there are, the greater is the demand for 


space, energy and mineral resources, while the greater our use of these, the 


greater become the environmental threats to humanity's survival. Some of 
threats are discussed below. 


the more significant environmental 


r is it necessarily caused 


(a) Air Pollution 
To maintain health an individual needs each day about 2 kg of water and 
around 1:3 kg of food, but approaching 14 kg of air. He or she can survive 
without water for five days and without food for five weeks, but in the ab- 
sence of air death ensues after about five minutes. And yet the air we are 
breathing is becoming increasingly polluted. 

Most of the air pollution that arises from human activities results from the 
products of combustion of fuels, and five types of substance account for more 


than 90% of our air pollution problem. These are: 


(a) carbon monoxide (CO) 

(b) oxides of nitrogen (NO, NO2, 
(c) hydrocarbons (methane, ethane, ethene, etc.) 
(d) sulphur oxides (SO2, SO3) 

(e) particulates (dust, pollen, metals, etc.) 


N50). collectively referred to as NOx 


What are the major sources of these air pollutants? 


(i) Carbon monoxide oT ; 
Carbon monoxide is an odourless, colourless gas which is highly toxic (see 


Section 10.33): 1000 parts per million (p.p.m.) of carbon monoxide will kill a 
person quickly, while 100 p.p.m. causes symptoms such as headaches and 
upset stomach. The effects of low doses of carbon monoxide do not build up 
with time but, even so, repeated exposure to even these small amounts can be 
dangerous, particularly to someone suffering from anaemia. Exhaust emission 
from motor vehicles accounts for most of the carbon monoxide pollution 
generated. Daily concentrations of it correlate well with traffic volume be- 
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cause much of it is produced by incomplete combustion of the carbon in 
fossil fuels: 

2C + O2 m 2CO@) 

(in fuel) 
It has been estimated that the three million vehicles in Los Angeles alone 
produce about 8000 tonnes of carbon monoxide in a day — about 2 kilograms 
of carbon monoxide per vehicle per day. High vehicle concentrations result in 
high carbon monoxide levels which can become dangerous in cities on still 
days and in tunnels and garages without efficient ventilation. 

Most attempts to control carbon monoxide pollution are directed towards 
its elimination from vehicle exhaust emission. This is complicated by the pres- 
ence of other pollutants (hydrocarbons, nitrogen oxides and particulates) that 
must be dealt with at the same time. Possible solutions would be: 


(1) modification of the internal combustion engine to reduce the amounts 
of pollutants formed during combustion of fuel; 

(2) development of new exhaust systems that will complete the combustion 
process and change potential pollutants into less harmful materials; 

(3) development of new fuels and engines. 


If all fossil fuels were burnt more efficiently in a complete combustion 
reaction then no carbon monoxide would form. All the carbon in the fuel 
would be converted to the less hazardous carbon dioxide: 

C + Org) > CO2) 
(in fuel) 
Many scientists believe, however, that even an increase in the carbon dioxide 
content of the air could prove a hazard. They argue that such an increase 
could trap more of the sun’s energy and result in a significant temperature rise 
over the earth as a whole. This is termed ‘the greenhouse effect’. It could 
have marked effects on climates, resulting in an increase in the desert areas 
and melting of the polar ice caps. 


(ii) Oxides of nitrogen 
When coal, oil and petrol are burned at high temperatures, appreciable 
amounts of the oxides of nitrogen are formed. A Russian study has indicated 
that subjection to concentrations as low as 2:8 p.p.m. of oxides of nitrogen 
over a three-to five-year period could result in permanent lung damage. 

In Los Angeles there is an alert level for oxides of nitrogen of 3-0 p.p.m. It 
is estimated that the daily output of nitrogen oxides in Los Angeles is 750 
tonnes.The problem has assumed major proportions because of this city’s 
geographical position. The city is in a valley. At certain times cool air in the 
valley becomes trapped by a layer of warmer air above. Under these condi- 
tions the sun acting on the nitrogen dioxide and oxygen can produce nitric 
oxide and ozone. These can react with hydrocarbon pollutants to produce 
secondary pollutants such as peroxyacyl nitrates. 

This photochemical pollution results in the yellow-brown smogs character- 
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istic of such large cities; Tokyo and Chicago suffer similarly. This form of 
pollution results in plant damage, the deterioration of materials and 
decreased visibility, together with severe eye irritation and many other health 
problems. 

As for carbon monoxide control, strenuous efforts are being made to de- 
velop internal combustion engines that have considerably reduced hazardous 
emissions. But whereas the removal of carbon monoxide requires oxidation 
to carbon dioxide, the removal of oxides of nitrogen requires reduction to 
nitrogen and oxygen. A dual catalyst system is thus required. 


(iii) Hydrocarbons 

Methane (CH4) is emitted into the atmosphere in quantities larger than any 
other hydrocarbon as a result of bacterial decomposition. Human activities 
contribute only about 15% of the hydrocarbon emissions, most of which 
come from petroleum. Most of the harmful effects of hydrocarbon pollution 
are caused not by the hydrocarbons themselves but by products formed when 
the hydrocarbons undergo chemical reactions in the atmosphere (such as 
peroxyacyl nitrate, mentioned in (ii) above). 


(iv) Sulphur oxides 

Sulphur dioxide is the only sulphur oxide contributing significantly to air 
pollution. It results from the combustion of fossil fuels. Of these the burning 
of coal produces the most sulphur dioxide, because sulphur is found in all 
coals in amounts ranging between 0-2-7-0%. The sulphur was present in the 
proteins of the once-living material from which coal was formed. The protein 
sulphur survived the carbonization process and became part of the resulting 
coal. Petroleum and natural gas originated in similar ways and therefore also 
contain sulphur. Natural-gas processing and petroleum refining remove most 
of this sulphur, however, so these fuels are not as serious sources of sulphur 
dioxide pollution as is coal. 

Burning sulphur containing fuels produces sulphur dioxide: 


S + O2 > SO2 
Some of this dissolves in water to produce sulphurous acid: 
SO; + H20 > H2503 
Some of the sulphur dioxide is oxidized, either to sulphur trioxide: 
2S0; + O2 > 2803 
or to sulphuric acid: 
2S02 + 2H20 + O2 > 2H2SO4 


e em mist so produced is responsible for much deterioration of the fabric 
licize : ings and many other materials, particularly metals. The much-pub- 
beli acid rain affecting the foliage and retarding the growth of plants is 
ie to be due to this acid mist. 
he obvious solutions to this problem are: 
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(1) to reduce the sulphur content of coal before burning it, and 
(2) to remove the oxide gases after the fuel has burnt. 


(v) Particulates 

Natural phenomena such as windborne dust from dry land, volcanic action, 
forest fires and salt from sea spray account for most of the particulate matter 
in the atmosphere. Thus natural sources completely dominate anthropogenic 
(‘man-made’) sources, which include losses from industrial processes and 
emissions from the combustion of coal and other fuels. 

The ash from these emissions contains carbon and silicon(Iv) oxide, as well 
as trace elements. Of these, Jead in the atmosphere in both particulate and 
gaseous forms has given cause for concern and much publicity, especially 
with regard to possible mental retardation of children. The first visible 
symptom of lead poisoning is often the onset of anaemia, but brain damage, 
convulsions, behavioural disorders and eventual death are the results of 
prolonged exposure to lead and its compounds. 

Combustion of petrol accounts for by far the greater part of all atmospheric 
lead pollution. The sources of lead in the exhaust products of petrol com- 
bustion are the ‘anti-knock’ additives, tetraethyl-lead, Pb(C;H s), and tetra- 
methyl-lead, Pb(CH;),. In addition, 1,2-dichloroethane, CH;CICH;CI, and 
1,2-dibromoethane, CH;BrCH;Br, are added to petrol. These compounds 
react with the lead to form volatile lead compounds which are released into 
the atmosphere with other exhaust gases. Such removal of the lead is 
necessary for smooth running of the engine. Vigorous efforts are at present 
being made to develop petrol engines which do not require such lead addi- 
tives. 

At one time smoke was a serious factor in air particulate pollution, but in 
the United Kingdom the ‘Clean Air Acts’ have almost eliminated smoke as a 
significant pollutant. It is interesting to note that the first Alkali Act was the 
result of the very unpleasant pollution caused by the manufacture of soda 
ash (sodium carbonate) in the Cheshire and Lancashire towns in the nine- 
teenth century. 


(b) Water and Land Pollution 


(i) What is water pollution? 
‘Pure water’ as supplied to our homes by the water authorities contains 
dissolved carbon dioxide, oxygen and nitrogen absorbed when rain falls 
through the air. In addition this water running over and through the land 
dissolves salts of metals such as sodium, magnesium and calcium, the latter 
two metals being responsible for ‘hardness’ of water (see Unit 6.16.) Such 
drinking water is thus not pure in a chemical sense. After treatment at a water 
purification plant to remove bacteria and suspended solids it still contains 
these dissolved substances which give water its characteristic ‘taste’. 
Polluted water is that which cannot be used for the public water supply. 
recreational use, agricultural purposes or industry, and which will not support 
wildlife, fish and so on. 
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(ii) Sources of water pollution 
Rivers and streams receive effluents from many sources, including: 
(1) run-off from farm lands which have been treated with pesticides and 
fertilizers, 
(2) raw and treated sewage, which add plant nutrients including nitrogen 
and phosphorus together with detergents etc., 
(3) industry, which adds inorganic and organic chemicals, sediments, 
radioactive material and warm water, 
(4) tankers, offshore rigs and refineries, which together with accidental 
spills add oil and oil residues. 


(iii) Effects of water pollution 

Plant and animal life in water depend upon the presence of dissolved oxygen. 
Their survival depends on the ability of the water to maintain a certain 
minimum amount of this gas in solution. Pollution, particularly in lakes, 
results from oxygen depletion where the ecological balance is disturbed. This 
happens when bacteria digest organic waste matter (such as untreated 
sewage), nitrogenous chemicals (particularly nitrates from fertilizers) and 
phosphates from detergents in a process which uses up dissolved oxygen: 


waste , dissolved , carbon , more . 
matter oxygen dioxide ™ bacteria 


bacteria + 
The carbon dioxide stimulates the growth of algae, water weeds and plants in 
aquatic daytime photosynthesis: 


= A hesi 
algae + carbon dioxide + sun’s energy 122S, more algae + oxygen 


This rapid production of plant life is known as eutrophication. It results in 
dissolved oxygen being consumed more rapidly than it can be replaced. As 
the oxygen content falls, fish and other forms of aquatic life die. When the 
oxygen disappears completely the water becomes grossly polluted and foul- 
smelling as anaerobic fermentation becomes the predominant process. 

The population explosion linked with its dependence upon an oil-based 
technology has, as an inevitable consequence, led to oil pollution problems. Much 
attention has been focussed on the pollution of beaches and seas (whether 
intentional or accidental) with oil. The Torrey Canyon disaster in 1967 was 
one of the first major accidents involving a large super-tanker. This ship ran 
aground off the coast of Cornwall and discharged over 100 000 tonnes of 
crude oil, causing severe pollution of the sea and nearby beaches. Further 
spills from oil tankers and offshore oil rigs have followed, causing increasing 
public awareness and concern. 

Apart from these accidental discharges of oil, many tankers take in sea 
water to provide ballast for ‘empty’ tanks on their return voyage to the oil- 
fields. Subsequently they flush these out into the sea together with oil residues 
before docking. This practice is illegal in most countries and stringent 
measures are being taken in an attempt to prevent it. 
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Following an oil spillage, the oil has first to be contained as much as possible 
by using different types of floating barriers, and it is then either skimmed off 
for subsequent reclamation or dispersed using detergents. Care needs to be 
taken to ensure that the detergents used are not also harmful to plant and 
animal life. All oil discharges contain volatile components, and within a few 
days almost one-quarter of the spilt oil is lost through evaporation. Of the 
remainder most forms an emulsion with sea water, and a relatively small 
amount finds its way on to beaches in black tarry lumps. 

The long-term effects of oil spillages are currently under investigation and 
have yet to be fully appreciated. Short-term effects include those caused by 
coating and those due to the toxicity of the oil. The latter are immediately 
obvious when sea birds become coated with oil, reducing their ability to fly, 
their buoyancy and the thermal insulation of their feathers. In addition, oil 
spillages hinder photosynthesis and have an adverse effect on plant and animal 
life along shore lines. 

Strict regulations apply to the discharge of industrial effluents—waste 
containing organic and inorganic material from industry. The toxic properties 
of the heavy metals, such as lead and mercury, is well known. Most of these 
metallic pollutants eventually end up in surface waters. Unlike organic pol- 
lutants, metals cannot be degraded biologically or chemically in nature. They 
do collect and become concentrated in food chains, however, so that the higher 
members of the food chain can contain concentrations of these metals very 
much higher than those found in water, with consequent damage to health 
and fertility that sometimes leads to death. 

In particular the pollution due to mercury has received much publicity. It is 
used extensively in the production of electrical apparatus, in the chlor-alkali 
industry (see Section 14.3) and in fungicides. There is no known effective 
treatment for mercury poisoning and the damage done to the body is usually 
permanent. In 1953, fishermen and their families in Minamata Bay in Japan 
were stricken with a neurological disease. More than forty people died and 
many became paralysed. Eventually the cause was traced to methylmercury(I!) 
KCH 5); Hg] discharged into the sea by a plastics factory; the compound became 
concentrated in fish and shellfish which the people ate. 

Domestic effluents contain sewage and detergents. The harmful effect of 
untreated sewage is discussed above. The first noted pollution effect of de- 
tergents was the foam produced in streams and rivers by the surfactant compon- 
ent. This was solved by making the surfactant biodegradable (that is, capable 
of being broken down by the micro-organisms in the water). Today the area 
of most concern is the presence in the water of phosphate ions from domestic 
washing powders, because of the relationship of phosphates with cutro- 
phication. 


15.5 Food Supply 


In Section 15.1 we pointed out that currently the world’s population is in- 
creasing at an unprecedented rate. More people need more food. Increased 
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food requirements put pressure on food producers to improve their efficiency. 
Efficiency has undoubtedly improved but, although food production has in- 
creased enormously, this increase is almost nullified by the increase in popu- 
lation. In addition the increase in food production has been much more 
marked in the rich developed countries than in the developing countries, and 
this discrepancy has aggravated the growing gap between rich and poor. 


(a) Growing Food 

Food, like oxygen, is necessary for life. All living creatures require food as a 
source of energy and for the growth and replacement of tissues. Carbohydrates 
(see Section 12.8) and fats (see Section 14.14) are the components of food that 
provide energy, while proteins (see Section 12.10) are used for growth and 
replacement of tissue. In addition vitamins and minerals, which regulate body 
processes, and water are essential components of food. 

Plants are the ultimate source of our food supply, being the starting point 
in most food chains. Thus efficient plant growth is essential for food pro- 
duction. To grow efficiently, plants need the sun’s energy, water and carbon 
dioxide for photosynthesis (see Section 6.10). In addition efficient growth 
requires certain major nutrients such as nitrogen for the synthesis of amino- 
acids and subsequently plant protein, together with minor nutrients. If such 
nutrients are not present in sufficient quantity in the soil, the crops produced 
will be of low yield and quality. Nutrients must therefore be added to the soil, 
either in the form of organic material such as manure Or, more commonly, as 
chemical fertilizer (see Sections 6.7 and 14.10). The required amount of each 
nutrient (particularly nitrogen, phosphorus and potassium) can be calculated 
$0 as to give maximum growth. The addition of too much fertilizer, especially 
during periods of heavy rainfall, can lead to leaching out of these nutrients 
into water supplies, with the consequent pollution problems outlined in 
Section 15.4(b)(iii). 


(6) Crop Protection 
Natural pests, including insects, rodents, weeds and fungi, compete with us 
for our means of survival, including our food supply. Chemicals used for 
destroying them are called pesticides. DDT, for example, which belongs to à 
group of compounds called chlorinated hydrocarbons, was used extensively 
and effectively in the early 1950s for controlling insect pests. It became appar- 
ent, however, that it was causing serious damage to birds and fish and also 
that some insects were building up an immunity to it. Its use therefore 
declined, and in many countries is now prohibited altogether. More recently, 
pesticides such as the pyrethrins have been developed from natural sources. 
These are non-toxic to bees and are degraded harmlessly in warm-blooded 
animals, though they are toxic to fish. Hence they are used particularly as 
insecticidal sprays in households, food storage warehouses and factories and 
on domestic and farm animals. 
The problems associated with the use of chemical pesticides have created 
research interests in alternative pest control methods. These include: 
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(i) the use of biological controls where natural predators such as parasitic 
wasps are used to destroy insect pests; 

(i) genetic control, such as the release of sexually sterile male insects to 
mate with female flies, which then lay infertile eggs; 

(iii) the use of attractants to lure insects into traps where they can be killed— 
a degree of control of the tsetse fly has been achieved in this way. 


(c) Food Preservation 
Producing food can benefit no one if the food spoils before it can be eaten. 
There are two major causes of food deterioration: 


(i) the effects of enzyme-catalysed chemical reactions, such as the browning 
of peeled potatoes and apples left exposed to the air, and 

(ii) the action of micro-organisms such as Salmonella and Clostridium 
botulinum. 


Enzymes can be decomposed by boiling the food. Such *blanched' food can 
then be preserved for long periods by freezing. Micro-organisms, which may 
infect the eater with disease or which may produce poisonous substances 
(toxins), feed on foodstuffs and flourish particularly in damp, warm (body 
temperature), non-acidic conditions. Methods of food preservation must take 
these conditions into account. Some are listed below. 


(i) Heating, as used in bottling and canning, not only decomposes enzymes 
but also destroys micro-organisms responsible for food deterioration. 

(ii) Refrigeration (usually below — 15°C) slows down enzyme reaction and 
inhibits micro-organism growth. 

(iii) Dehydration (drying) of, for example, fruit removes the moisture 
necessary for micro-organism growth. Dried fruit is in addition often treated 
with sulphur dioxide gas to form an acidic environment which further inhibits 
bacterial action. 

(iv) Preservatives such as salt for meat and fish, sulphur dioxide for fruit 
juices, and ethanoic acid (acetic acid) for preserving (pickling) vegetables such 
as onions, all prevent micro-organism growth. 

(v) Irradiation of food to kill micro-organisms is likely to play a more 
important role in food preservation in the future. 


15.6 Chemicals and the Human Body 


The use of chemicals to heal the body and the misuse of chemicals to intoxicate 
are both far older than any written record of civilization. The effects of some 
chemicals can be either beneficial or disastrous, depending on the circum- 
stances in which they are administered: heroin, for instance, has eased the 
pain of many terminally ill patients, and through its addictive nature has also 
tragically damaged many others who turned to it for excitement or support 
even though they were in good health. 
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(a) Chemicals in the Prevention and Treatment of Illness 
Few of the medicines used today were available before World War II, and 
indeed many were not introduced until after 1960. Even as late as the 1930s, 
reliance was often placed on natural products such as morphine and quinine. 
The war of 1939-45 stimulated research into the production of pharmaceutical 
chemicals because of the need to treat wounded soldiers. Additionally much 
research into tropical medicines took place to help combat infectious diseases 
which were prevalent in those parts of Africa, the Pacific islands and Asia 
where the fighting forces needed protection. 
The 1960s was a period of rapid growth in the production of medicines 


to combat heart disease, gastric ulcers, mental disorders, arthritis, cancer and 
hieved in the chemical treatment of 


allergies. Considerable success has been ac 
many of these disorders. This has led to a higher proportion of people sur- 
viving into old age and a change in the whole pattern of disease and 
mortality; diseases associated with ageing now dominate. 

The pharmaceutical industry is compelled to be dynamic because new in- 
fections such as Legionnaires’ disease and AIDS have appeared in recent years 
and a vigorous research programme needs to be maintained to combat these. 
Because of its involvement with the health of us all, the industry attracts 
much more debate and controversy (consider, for instance, the thalidomide 


disaster) than other high-technology industries. 


(b) Chemicals — their Abuse in Society 
All medicines are drugs, but not all drugs are medicines. Coffee, tea, tobacco 
and alcohol are drugs but would not be classified as medicines. A drug is 
defined as any substance which alters the structure Or function of a living 
organism. A medicine is a drug which possesses useful properties in the 
prevention or relief of physical or mental symptoms. T 
Alcohol (ethanol) is one of the most widely used of all drugs. Its social 
acceptance should not mislead us into minimizing its potential dangers. It 
produces drunkenness, disorientation, blurred vision and often vomiting. Intoxi- 
cation with alcohol is often followed by a *hangover which makes the sufferer 
T Sick, weak and dizzy. Even small amounts of alcohol impair driving 
ability. 
Inhalation of volatile substances such as glues, petroleum produce hu 
ether has been known for many years and causes stimulation at first followed 
by slurred speech, headache, nausea and vomiting. Finally the user Deon 
unconscious. The misuse of other drugs such as LSD (p-lysergic acid 
diethylamide or ‘acid’), cocaine, morphine, opiates, cannabis and tobacco 1$ 
currently a cause for considerable concern in our society. Neither the reasons 
for drug misuse, nor its remedy, are yet fully understood. 


15.7 Conclusion 


Today th ati on is producing problems associated with our 
y the population explosion 1S p sion trino: -problems 


energy needs, food resources and consequent P' 
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that were not considered to be serious thirty years ago. Chemists of the immedi- 
ate future will undoubtedly pay more attention to the personal and social 
aspects of technology, so that society may develop in a cleaner and healthier 
environment. 


Summary of Unit 15 


1. 
2: 


2: 


The chemical industry is essential to modern society. 

The world population is increasing dramatically, so more people require 
more food, fuel and energy, together with other natural resources. 

Of our present energy resources, the fossil fuels are far the most im- 
portant. Oil, coal and natural gas are all fossil fuels. 


. Fossil fuels are a finite energy source, so alternative energy sources are 


required for the future. 


. Nuclear energy is at present the most important alternative energy source. 


Others include solar energy, tidal energy and geothermal energy. 


. The sea is one of our major sources of minerals, particularly bromine and 


magnesium. 


- A consequence of a modern technological society is a tendency to pollute 


the environment. 


. Air pollution is caused by carbon monoxide, oxides of nitrogen, hydro- 


carbons, sulphur oxides, and particulates. 


. Water pollution results from pesticides, fertilizers, raw and treated sewage, 


radioactive material and oil spillages. 


. Eutrophication results in oxygen depletion in lakes. 
. Increased food requirements put pressure on food producers to improve 


their efficiency. 


. Fertilizers can be added (as sources of nitrogen, phosphorus and potas- 


sium) to improve plant growth. 


. Pesticides such as the pyrethrins (and previously DDT) are used to 


control pests. 


. Food preservation techniques are used to prevent enzyme and micro-organ- 


ism deterioration of food. 


. The chemical industry is constantly developing new medicines for the 


prevention and treatment of disease. 


Test Yourself on Unit 15 


I. Mark the following statements true or false: 
(a) The world's population has doubled every hundred years since 1600 
A.D. 
(b) All fossil fuels contain carbon. 
(c) Natural uranium consists mainly of the isotope uranium-235. 
(d) Sea water is a valuable source of bromine and magnesium. 
(e) Uranium is an example of a finite energy source. 
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2, Petrol is a mixture of liquid hydrocarbons. One of these is octane CaH is. 
(a) Write an equation for the complete combustion of CsHıs in a car 
engine. 

(b) Name one gas (formed during incomplete combustion of CsHis) which 
is very poisonous in car exhaust fumes. 
(c) Why does a black solid collect in the exhaust pipe of a car using octane 


as a fuel? 
(d) In what form is lead added to petrol? 
(e) Why is the addition of lead to petrol a dangerous source of air pol- 


lution? 
3. River water often contains nitrates as à result of pollution. 


(a) Name a source of nitrate pollution. 
(b) What effect does this have on the growth of water weeds and aquatic 


plants? 
(c) What is the eventual effect on the fish population? 


4. The following is a list of gases: 


ammonia methane 

carbon dioxide nitrogen 

carbon monoxide nitrogen dioxide 
hydrogen oxygen 


sulphur dioxide 
Answer the following questions, using only the gases in the list. Any gas 
may be used once, more than once or not at all. 
Give the name of the gas which: 
(a) is used by green plants in photosynthesis; 
(b) is an important raw material used in the m 
(c) forms when a yellow solid is burned in air and is often a po 
acid rain; 
(d) is formed when carbon burns in a limited supply of air; b 
(e) is emitted into the atmosphere as a result of bacterial decomposition 
and is also used as a household fuel; 
(f) is responsible for producing photoc 
Angeles; 
(g) may be sprayed on to dried fruit to help preserve it; " 
(h) is depleted in lakes and rivers during the process of eutrophication. 


anufacture of fertilizers; 
llutant in 


hemical smogs in cities such as Los 


Mark this test out of 24 with the answers provided on page 384. 


Appendix: The Elements 


Atomic Relatiye Electron 
Waniber Name Symbol atomic mass configuration 
Approx. Accurate 

1 Hydrogen H 1-0 1-008 1 

2 Helium He 40 4-003 2 

3 Lithium Li 7-0 6:939 21 

4 Beryllium Be 9-0 9-012 2.2 

5 Boron B 11 10-81 2.3 

6 Carbon Cc 12 12:01 24 

7 Nitrogen N 14 14-01 25 

8 Oxygen [9] 16 16-00 2.6 

9 Fluorine F 19 19-00 2.7 

10 Neon Ne 20 20-18 2.8 

ll Sodium Na 23 22:99 2.8.1 
12 Magnesium Mg 24 24.31 2.8.2 

13 Aluminium Al 27 26:98 2.8.3 

14 Silicon Si 28 28-09 2.8.4 

15 Phosphorus P 31 30-99 2.8.5 

16 Sulphur S 32 32:06 2.8.6 

17 Chlorine CI 355 3545 2.8.7 
18 Argon Ar 40 39-95 2.8.8 

19 Potassium K 39 39-10 2.8.8.1 
20 Calcium Ca 40 40-08 2.8.8.2 
21 Scandium Sc 45 44:96 2.8.9.2 
22 Titanium Ti 48 47-90 2.8.10.2 
23 Vanadium v 51 50-94 2.8.11.2 
24 Chromium Cr 52 52-00 2.8.12.2 
25 Manganese Mn 55 54-94 2.8.13.2 
26 Iron Fe 56 55-85 2.8.14.2 
27 Cobalt Co 59 58-93 2.8.15.2 
28 Nickel Ni 59 58-71 2.8.16.2 
29 ^ Copper Cu 635 6354 2,8.17.2 
30 Zinc Zn 65 65:37 2.8.18.2 
31 Gallium Ga 70 69-72 2.8.18.3 
32 Germanium Ge "725 72:59 28.184 
33 Arsenic As "VES 74-92 2.8.18.5 
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Atomic N I Relative Electron 
cae ame Symbol atomic mass configuration 
Approx. Accurate 

34 Selenium Se 79 7896 — 2.8.18.6 
35  Bromine Br 80 7991 — 2.8.18.7 
36 Krypton Kr 84 8380 — 2.8.18.8 
37 Rubidium Rb 855 8547 28.8.8. 
38 Strontium Sr 87:5 8762 28.18.82 
39  Yttrium Y 89 8891  28.189.2 
40 ^ Zirconium Zr 91 91.22  28.18.10.2 
4l Niobium Nb 93 92:91 28.18.12. 
42 Molybdenum Mo 96 9594 2.8.18.13.] 
43 Technetium Tc (99) (99) 2.8.18.14.1 
44 Ruthenium Ru 101 101-1 2.8.18.15.1 
45 Rhodium Rh 103 1029 — 28.8.16. 
46 Palladium Pd 1065 1064 2818.18 
47 Silver Ag 108 1079 — 28.18.18. 
48 Cadmium Cd 1125 1124 2818182 
49 Indium Ii. 115 1148 2.8.18.18.3 
50 Tin Sn 119 118-7 2.8.18.18.4 
51 Antimony Sb 12 12:8 — 28.18.18.5 
52 Tellurium Te 1275 1276 2818.86 
53 Iodine I 127 1269  28.18.18.7 
54 Xenon Xe 131 131:3 2.8.18.18.8 
55 Caesium Cw. 183 1329 2.8.18.18.8.1 
56 Barium Ba 1375 1373 2.8.18.18.8.2 
57 Lanthanum La! 139 138.9 2.8.18.18.9.2 
58 Cerium Ce 140 140:1 2.8.18.20.8.2 
59  Praseodymium Pr 14 1409 — 28.182182 
60 Neodymium Nd 144 1442 — 28182282 
61 Promethium Pm (145) (145 2,8.18.23.8.2 
62 Samarium Sm 150:5 150:4 2.8.18.24.8.2 
63 Europium Eu 152 152:0 2.8.18.25.8.2 
64 Gadolinium Gd 157 1573 28182592 
65 Terbium Tb 159 1589 — 28.182782 
66 Dysprosium Dy 1625 1625 2.8.18.28.8.2 
67 Holmium Ho 165 1649 — 28.1829.82 
68 Erbium Er 167 167:3 2.8.18.30.8.2 
69 Thulium Tm 169 1689 28.831.82 
70 Ytterbium Yb 173 1730 2.8.18.32.8.2 
"1 Lutetium Lu —17$ 1750 — 28.183292 
72 Hafnium uf 1785 1785 2.8.18.32.10.2 


73 Tantalum Ta 18I 1809 — 28.18.32.11.2 
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Atomic Relative Electron 
number Name Symbol meatomic mass configuration 
Approx. Accurate 
74 Tungsten w 184 183-9 2.8.18.32.12.2 
75 Rhenium Re 186 186:2 2.8.18.32.13.2 
76 Osmium Os 190 190-2 2.8.18.32.14.2 
77 Iridium Ir 192 192-2 2.8.18.32.17 
78 Platinum Pt 195 195-1 2.8.18.32.17.1 
79 Gold Au 197 197-0 2.8.18.32.18.1 
80 Mercury Hg 200.5 200-6 2.8.18.32.18.2 
81 Thallium TI 204-5 204-4 2.8.18.32.18.3 
82 Lead Pb 207 207:2 2.8.18.32.18.4 
83 Bismuth Bi 209 209-0 2.8.18.32.18.5 
84 Polonium Po (209) (209) ~  2.8.18.32.18.6 
85 Astatine At (210) (210) 2.8.18.32.18.7 
86 Radon Rn (22) (222) 2.8.18.32.18.8 
87 Francium Fr (223) (223) 2.8.18.32.18.8.1 
88 Radium Ra (226 (226) 2.8.18.32.18.8.2 
89 Actinium Ac (227) (227) 2.8.18.32.18.9.2 
90 Thorium XH) 232 232.0 2.8.18.32.18.10.2 
91 Protactinium Pa (231) (231) 2.8.18.32.20.9.2 
92 Uranium U 238 238-0 2.8.18.32.21.9.2 
93 Neptunium Np (237) (237) 2.8.18.32.22.9.2 
94 Plutonium Pu (244) (244) 2.8.18.32.24.8.2 
95 Americium Am (243) (243) 2.8.18.32.25.8.2 
96 Curium Cm (247) (247) 2.8.18.32.25.9.2 
97 Berkelium Bk (247) (247) 2.8.18.32.26.9.2 
98 Californium Cb) RSH Q51) 2.8.18.32.28.8.2 
99 Einsteinium Es (254) (254) 2.8.18.32.29.8.2 
100 Fermium Fm (253) (253) 2.8.18.32.30.8.2 
101 Mendelevium Md (256) (256) 2.8.18.32.31.8.2 
102 Nobelium No (253) (253) 2.8.18.32.32.8.2 
103 Lawrencium Lr (257) (257) 2.8.18.32.32.9.2 
Note 


Some relative atomic masses are cited in parentheses, to indicate that they 
refer to the most stable or best-known isotope of the element concerned. 


Examination Questions 


Questions have been included from many examination boards. The enn 
wish to thank the undermentioned authorities for granting permission lor the 
reproduction of examination questions: 


Joint Matriculation Board [JMB] 

University of London Schools Examinations Department [Uu 

Northern Ireland Schools Examination Council [Ni] 

Southern Examining Group (GCSE specimen questions) [s] í 
Northern Examining Association (Associated Lancashire Schools Examin- 
ing Board, Joint Matriculation Board, North Regional Examinations Board, 
North West Regional Examinations Board, Yorkshire and Humberside 
Regional Examinations Board) specimen questions for 1988 GCSE syllabus 
A [N] 

London and East Anglian Examining Board [L & EA] 


Objective Questions 


(a) Matching Pairs » 
3 " ion is 

In the following ‘matching pairs’ questions, each ions Ph tal 

accompanied by a set of alternative answers. Within each questio 

may be used once, more than once or not at all. 


l. From the list A to D below 
A condensation 
B distillation 
C evaporation 

| D filtration 

select the process which n 
(a) Dem used to separate sand from water most quickly sone 
(b) causes water to collect on classroom windows in cold weather, 


to a liquid. 
(© involves the change of a liquid to a gas and of the gas back IN 


i i ich matter 
2. The alternatives A to E describe some of various states in wh 


may be found. 

solid only 

solid and liquid 
liquid only 
liquid and gas 
gas only 


mogouve» 
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Select, from the list A to E, the alternative which best describes the state 
or states of matter 
(a) consisting only of particles which move randomly and are held together 
by forces of attraction, 
(b) present when a solution is being distilled, 
(c) leaving the catalyst chamber in the contact process. [ws] 


3. Questions (a) to (d) concern the following practical methods: 
chromatography 
crystallization 
distillation 
electrolysis 
filtration 
Choose, from A to E, the method which would be used to 
(a) isolate nitrogen from liquid air, 
(b) separate coloured substances in a sample of coloured soft drink, 
(c) separate petrol from crude oil, 
(d) separate a drug which has been precipitated from a solution. [L & EA] 


mogouw» 


4. Using the letters A to L, match the descriptions given with the sub- 
stances shown below them. 


Description 

yellow-green gas 
brown powder 
blue crystals 
red-brown liquid 
white powder 
red crystals 


red-brown gas 
black powder 
silver liquid 
yellow powder 
pale green crystals 
blue liquid 


"Umgogouw» 
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Substance 
copper sulphate 
zinc oxide 
iron(11) sulphate 
carbon (graphite) 
sulphur 
bromine 
chlorine 
mercury [Ni] 


mogouvw» 
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Which one of the atoms listed A to E 
(a) can form an ion with a single negative charge? 
(b) does not react with either oxygen or hydrogen? 
(c) could form a covalent compound of the type XH,? 
(d) has the same number of occupied principal energy levels as an atom of 
oxygen? [mB] 


6. The following substances are well-known laboratory reagents or 
catalysts: 
A hydrogen peroxide 
B iron 
C nickel 
D manganese(Iv) oxide 
E vanadium(v) oxide 
For each of the processes in questions (a) to (d), select from the list A to E 
the substance which is used for the purpose stated: 
(a) the reagent in the common laboratory preparation of oxygen, 
(b) the catalyst in the manufacture of sulphuric acid, 
(c) the catalyst in the manufacture of ammonia from nitrogen and hyd- 
rogen by the Haber process, 
(d) an oxidizing agent in the laboratory preparation of chlorine. [jM] 


7. Questions (a) to (d) concern the following graphs: 


2 A $ B 2 c 
[ g EE 
ki o $8 
5 E 2S 
* 
E 5 55 
E = on 
9 9 ov 
= o 25 
= zm 
= = $ : 
fe) Volume fe) Volume O Time 
added added 
D E 
2 
5 
£ g 
E z 
5 g 
à à 
= E 
5 e 
3 
[5] 
Time Time 


Select from A to E the graph which best represents à change taking place in 
each reaction represented below. 
(a) *13Bi > 743P0+ f 
(b) H20 > H206) 
(c) 2H,054,, > 2H;0q, + O2% 


(d) BaCls- NazSOsq > BaSOa + 2NaClao) iu 
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8. 
addition 
combustion 
cracking 
fermentation 
dehydration 
Which one of the above processes, A to E, is involved in the conversion of 
(a) butane to carbon dioxide and water vapour? 
(b) C20H42 to C2H4? 
(c) C&H1206 to C2H5OH? 
(d) ethene to ethanol? [mB] 


mg ouv» 


9. Questions (a) to (d) concern the diagram below, which shows parts of 
the periodic table divided into five sections labelled A, B, C, D and E. 


ET Rn 


Select, from A to E, the section in which you would find a 

(a) gas which forms no compounds, 

(b) metal which produces hydrogen when added to water, 

(c) metal which floats on water, 

(d) metal which is used for making the water pipes in a domestic hot water 
system. [L & EA] 


(b) Multiple Choice Questions 
In each of the following questions, a statement or question is followed by five 


written alternative responses, A, B, C, D and E. You are required to decide 
which of these alternatives is the best answer. 


10. The diagram represents the results obtained when paper chromatog- 
raphy was used to identify the two substances present in a mixture. 


À Which two substances are most likely to be present in the mixture? 
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X and Z 
W and X 
W and Y 
Y and Z 
W and Z [L & EA] 


moaw» 


11. If fine pollen grains on the surface of water are examined under a 
microscope, it will be seen that the pollen grains are in random motion, fre- 
quently changing direction. The movement is most likely to be due to 
air draughts blowing on the water, 
chemical reaction between the pollen and the water, 
attraction and repulsion between charged particles, 
collisions between water molecules and pollen grains, 
diffusion of pollen grains. 


moouw»r» 


[L & EA] 


12. What is the maximum mass of iron, in grams, which can be extracted 
from 80 g of iron(i) oxide, Fe203? (Relative atomic masses: Fe = 56,0 = 
16) 


moouw» 
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13. Which of the following contains the same number of atoms as 6 g of 
magnesium? (Relative atomic masses: C = 12, Mg = 24, S= 32, Ca = 40, 
Fe = 56, Zn = 65.) 

4 g of carbon 
8 g of sulphur 
5 g of calcium 
28 g of iron 
13 g of zinc 


mogouv» 


14. 18 g of water is liberated when 0-2 mole of a crystalline salt is heated 
to constant mass. Which one of the following represents the number of moles 
of water of crystallization combined with 1 mole of the salt? (Relative atomic 
masses: H = 1, O = 16.) 

1 


moaw> 
conun 


mbol Sb. If the formula for antimony 


15. Th i the s; 
e element antimony has y! j sulphate? 


oxide is Sb,O3, what is the correct formula for antimon 
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Sb;(SO;); 
SbSO, 
Sb,SO, 
Sb(SO;); 
Sb.(SO,), 


mogouvo» 


16. The relative molecular mass of an oxide MO is 223. What is the rela- 
tive molecular mass of the oxide M304? 
A 685 
B 700 
C 707 
D 717 
E 885 
(Relative atomic mass; O — 16) Ivi] 


17. The equation for the reaction occurring when butane burns is 
C,H,, + 610, ^ 4CO, + 5H,0; AH = —2877 kJ mol! 


How much butane will liberate 2877 kJ on burning completely in oxygen? 
1 dm? 

1 mole 

6:5 mole 

7-5 mole 

1 kg 


mgouve» 


18. How many grams of sodium hydroxide, NaOH, must be dissolved to 
make 250 cm? of 1-0 M solution? 


A 10g 
B 20g 
C 40g 
D 80g 
E 250g 
(Relative atomic masses: H = 1, O = 16, Na = 23) [ni] 


19. When chlorine gas reacts with iodine monochloride, the following 
equilibrium is set up: 


IClo + Cla = TClays) 


Which one of the following statements about this equilibrium is NOT correct? 
Removing the chlorine gas causes the amount of solid to decrease. 
When all the solid is removed, the forward reaction stops. 

The forward and backward reactions are going on at the same rate. 
The proportions of the three substances remain constant. 

Both forward and backward reactions continue to take place. 


moaAw> 
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20, 0-01 mole of sodium and 0-01 mole of potassium were reacted separ- 
ately with excess water at the same temperature and pressure. Which of the 
following is true? 


Initial reaction rate Volume of hydrogen 
faster with potassium same in each case 
same in each case greater with potassium 
faster with sodium same in each case 


faster with potassium greater with potassium 
faster with potassium greater with sodium 


moaw> 


21. The reaction taking place at the negative electrode during the electro- 
plating of copper can be represented by the equation 
Cu > Cu?* +2e 
Cu?* +e > Cu 
Cu?* +2e > Cu 
Cu?* 42e 2 2Cu [N] 


[Hon n 


22. Which of the following substances will conduct electricity by movement 
of ions? 
mercury 
lead(11) bromide crystals 
graphite 
sodium 
molten sodium hydroxide 


mogomwve» 


23. A substance must be an acid if 

it liberates ammonia from an ammonium salt 

it is the oxide of a metal 

it forms hydrogen ions when added to water 

it reacts with a base to form a salt and hydrogen > 

an aqueous solution of it produces oxygen at the anode during elec- 
trolysis 


mgow» 


24. Which of the following 1-0 mol dm^? solutions would have the lowest 
pH value? 
A potassium hydroxide 
B sodium nitrate 
C aqueous ammonia (ammonium hydroxide soluti 
D ethanoic acid (acetic acid) 
E nitric acid 


on) 


25. Which of the following oxides is amphoteric? 
A aluminium oxide 
B sodium oxide 
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C carbon dioxide 
D magnesium oxide 
E phosphorus(v) oxide (phosphorus pentoxide) 


26. Theelement W reduces the oxide of element X, but has no reaction with 
the oxide of element Z. Element Y, however, will reduce the oxide of both 
elements X and Z. 

The order of reactivity of these elements, with the most reactive first, is 

A XYWZ 


B YXWZ 
c WZXY 
D WXYZ 
E YZWX [u 


27. Which of the following statements about temporarily hard water is 
INCORRECT? 
it contains metallic cations, usually calcium and magnesium 
it contains hydrogencarbonates which can be removed by boiling 
it can be softened by adding sodium carbonate 
it does not cause a scum with soap 
it can be softened by using Permutit ion-exchange resins 


moouwve» 


28. Which one of the following gases is often used in the laboratory as à 
reducing agent? 


A oxygen 

B carbon dioxide 

C hydrogen 

D nitrogen 

E chlorine sd 
29. Aluminium is obtained industrially by 

A reaction of aluminium oxide with carbon in a blast furnace 

B reaction of aluminium oxide with carbon monoxide in a blast 

furnace 

C electrolysis using aluminium chloride 

D electrolysis using aluminium sulphate 

E electrolysis using aluminium oxide [L & EA] 


30. Which one of the following is a true description of the industrial 
manufacture of ammonia by the Haber process? 
combination of nitrogen and hydrogen; no catalyst; high pressure 
combination of nitrogen and hydrogen; iron catalyst; low pressure 
combination of nitrogen and hydrogen; iron catalyst; high pressure 
combination of nitrogen, hydrogen and oxygen; iron catalyst; 10W 
pressure 


combination of nitrogen, hydrogen and oxygen; iron catalyst; high 
pressure 
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31. Which of the following is an incorrect statement about the halogens 
(Group 7) as the group is descended (F — I)? 
the oxidizing power of the elements decreases 
the reactivity of the elements decreases 
the size of the atom increases 
the boiling points of the elements increase 
the ability to gain an electron increases 


mogomw» 


32. Which of the following would help to decide whether a liquid was a 
saturated or unsaturated hydrocarbon? 
A Test to see whether it will decolorize bromine water. 
B Test to see if it will burn. 
C Test to see whether it mixes with water. 
D Heat a drop strongly with excess copper(it) oxide to see whether it 
gives carbon dioxide. 
E See if it can be cracked to give a gas Iu 


33. What type of process occurs when sugar is converted into alcohol 
(ethanol)? 
hydrogenation 
fermentation 
cracking 
polymerization 
hydrolysis 


mogouw» 


34. Each of the following compounds contains nitrogen in a form suitable 
for application as a fertilizer. Which compound would supply the greatest 
mass of the element nitrogen for each kilogram of the compound applied to 
the soil? 


Relative molecular mass 


Compound Formula 
A ammonium bromide NH,4Br 98 
B ammonium sulphate — (NH4):SOs 132 
C ammonium nitrate NH4NOs + 
D sodium nitrate NaNO; " 
E potassium nitrate KNO3 101 i & ea) 


35. In the manufacture of pure copper, copper(it) sulphate ogee is 
electrolysed using a pure copper cathode and a pure copper ag gh 
mass of copper would be deposited on the cathode by the passing of 2 faradays 
of electricity? (Relative atomic mass of Cu = 64) 


moowÀ6» 
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36. Anatom ofan element X contains 19 protons and 20 neutrons. Which 
of the following represents an atom of X? 


mogou» 
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37. A mixture of water and crushed ice was heated gradually, with a con- 
stant flame and efficient stirring, until the mixture boiled for a short time. 
If the temperature of the mixture was plotted against time (¢), which graph 


would be obtained? [c] 
| 
A B 
100 °C 100 °C 
o% oe 
[7] : (0) d | 
t/minutes t/ minutes 
100 °C 
o% 
o P 
t/minutes 
100 °c D 100 °c j 
0% (ome 
[s] 
t/minutes 9 t/ minutes 


38. Which of the following pollutants is thought to be the most likely to 
cause mental retardation in children? 
carbon monoxide (from the incomplete combustion of fossil fuels) 
lead compounds (found in car engine exhaust gases) 
carbon dioxide (from the combustion of fossil fuels) 
oxides of nitrogen (from the burning of coal, oil and petrol) 
sulphur oxides (from the combustion of fossil fuels) 


mgowve» 


Structured Questions 


39. The table shows the melting points and boili ints of substances 
A, E Cane g po nd boiling points of s 
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Melting point Boiling point 


Substance 


(a) Which substance is a liquid at room temperature? 

(b) Which substance is a gas at room temperature? 

(c) Which substance cannot be a metal? 

(d) Which substance is likely to be an ionic compound? [s] 
40. This question is about elements, their properties, and their positions 
in the periodic table. 


Group | I | II 


Block P 


ned it 
Block S Block D 
d below, and no 


Use the skeleton periodic table above and the elements liste 
others, to answer the questions which follow. 


Elements to be used Argon Ar Iron Fe 
Bromine Br Lithium Li 
Copper Cu Neon Ne 
Helium He Potassium K 
Iodine I Silicon Si 


placed in Group I. 


hich should be 
s n Block D. 


(a) Name two elements from the list w i 
(b) Name two elements from the list which should be placed i 
(c) Name two elements which should be placed in Group 0. 

(d) Name two elements which should be placed in Group VII. 
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(i) Name the type of reaction. 
(ii) Write the simplest ionic equation to represent the reaction. 
(iii) Name the solid compound which could be obtained fron the result- 
ing solution. 

(c) Hydrochloric acid is a strong acid and ethanoic acid is a weak acid. 
Explain the terms (i) strong acid, (ii) weak acid. Describe a simple experiment 
which you could use to demonstrate the difference in the strengths of the 
two acids. [MB] 


44. (a) Nitric acid is produced from ammonia by the sequence of changes 
shown in the diagram. 


Concentrated 
nitric acid 


Name: 
(i) the catalyst, 
(ii) the intermediate product, I, formed in the catalyst chamber, 
(iii) substance X, added at the final stage. : 
(b) Cadmium (Cd) is a metal. What would be the products of the reaction 
between dilute nitric acid and cadmium oxide, CdO? 
(c) A green powder is added to dilute nitric acid. It fizzes, giving off carbon 
dioxide and forming a blue solution. Identify the green powder. 
(d) The diagram of the nitrogen cycle in Fig. 6.8 (page 122) may help you 
to answer this part. Nitrates are used as fertilizers. 
(i) What class of compounds is formed from nitrates in plants? 
(ii) Why cannot atmospheric nitrogen be used as a fertilizer by most green 
plants? 
(iii) Plants are not able to absorb ammonium compounds, so how are these 
compounds able to act as fertilizers? 
(iv) How can the use of too much nitrate fertilizer cause water pollution? 
(e) Calculate the percentage by mass of nitrogen in ammonium sulphate, 
(NH4);SO,. (Relative atomic masses: N = 14, H = 1, S = 32,0 = 16) [s] 


45. Titanium is the eighth most abundant element in the earth’s crust. It is 
more abundant than copper. It occurs in titanium(1v) oxide which is present 
to the extent of 0.01 per cent in much sea-shore sand. The metal is extracted 
by first converting the titanium(iv) oxide to titanium(1v) chloride. The tita- 
nium(1v) chloride is then heated with sodium. 

Titanium has a lower density than iron, is stronger than steel and is also 
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resistant to corrosion. Information about the abundance (in parts per million) 
and cost of titanium and copper are given in the table below. 


4400 55 
3700 800 


(a) Write the formula of the naturally occurring oxide of titanium. 
(b) (i) What reagent might be used to convert titanium(IV) oxide to 
titanium(1v) chloride? 
(ii) Complete the symbol equation for the reaction between titanium(IV) 
chloride and sodium. 


TiCl, + 4Na > 


Abundance (p.p.m.) 


Cost (£/tonne) 


(c) Suggest two reasons why titanium metal is more expensive than copper. 

(d) Describe how simple cells could be set up and used to place titanium in 
the reactivity series of metals. 

(e) Give Two reasons why titanium is particularly suitable for replacement 
hip joints. [v] 


A 46. Below is a diagram of a blast furnace in which iron is extracted from 
iron ore. 


Iron ore * limestone * solid X 


Gos Y= = Gas Y 


Molten slag 


Iron 


(a) Give the name of (i) solid X, (ii) gas Y. 
(b) Why does the molten slag float on top of the molten iron? , 
h (c) The inside of the furnace is hot. What chemical reaction produces this 
eat? 
(d) Most iron is made into steel. What is the difference between iron and 
steel? 
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(e) Name one metal other than iron used in the alloy stainless steel. 
(f) (i) What is the advantage of using stainless steel instead of iron? 
(ii) Name oxe object made of stainless steel. 
(g) Oxygen is used to convert iron into steel. What is the oxygen used for? 
(A) (i) From what raw material is the oxygen obtained? 
(ii) What method is used to obtain the oxygen in (h)(i)? 
(i) Name one alloy containing no iron. [L & EA] 


47. Rock salt is an important worldwide resource. It may be crushed and used 
without further processing, purified to give cooking salt or used as a source of 
raw materials for the chemical industry. 

(a) State oNE advantage and one disadvantage of using salt in cooking. 

(b) Draw a diagram to show how you could make and collect a small 
quantity of chlorine gas in the laboratory by the electrolysis of brine. 

(c) Write an ionic equation for the formation of chlorine. Explain why 
sodium ions and hydroxide ions collect at the other electrode. 

(d) Chlorine is used in the manufacture of many useful products. Name 
Two such products or groups of products and give an example of the use of 
each substance (or group of substances) you have named. [N] 


48. The substance ethanediol (C2H602) is used as an antifreeze. It is made 
from ethene according to this equation: 


water, air, catalyst 
C2H4 Se ES C2H602 


ethene ethanediol 


The relative atomic masses are C = I1;H- EO - 16. 
(a) State ONE use of antifreeze. 
(b) What is a catalyst? 
(c) Calculate the relative molecular mass of ethene. 
(d) Calculate the relative molecular mass of ethanediol. 


(e) Calculate the mass of ethanediol that could be made from 5.6 g of 
ethene. [s] 


49. The general formula for members of the alkane series of hydrocarbons 
is C,H;,, ;. Methane is the first member. 
(a) Give ONE source of methane. 
(b) (i) Name the products of complete burning of any alkane. 
(ii) Write an equation for the complete burning of methane. 
(c) (i) Under what conditions could methane burn to form carbon mon- 
oxide? 
(ii) Why is carbon monoxide dangerous? 
(d) The fifth member of the alkane series is called pentane. Work out its 
molecular formula. [s] 


50. Read the passage below and then answer the questions which follow. 


Examination Questions 367 


Hydrogen as a fuel 
With the world’s fossil fuel resources rapidly dwindling, considerable research 


is being directed towards finding a replacement for them. One such fuel is 
hydrogen, despite the difficulties associated with its manufacture from water, 
potentially its major source. The main problem of its economical extraction is 
associated with the strength of the hydrogen/oxygen bonds, which require 
about 460 kJ mol! to break them. 

Apart from its manufacture, there are also many problems attached to the 
use of hydrogen. How can it be transported safely? Can it be used in modern 
engines without causing too many re-design problems? Are the hazards 
associated with its use acceptable? On the credit side, it has much to commend 
it. Its combustion product, when it is burnt with pure oxygen, is virtually 
pollution free; although if it were mixed with air and used in internal com- 
bustion engines in the same way as conventional fuel, this mixture would still 
produce oxides of nitrogen. Furthermore, because of its much faster burning 
rate, a different carburettor system would be needed. One way of overcoming 
this problem would be to use the gas in fuel cells which, unlike petrol, are able 
to generate electricity very efficiently. However, with present-day technology, 
fuel cells are unable to cope with the relatively large amount of power needed 
to drive a vehicle. 

As an aircraft fuel, mass for mass, hydrogen is able to deliver about three 
times as much energy as kerosene. This would reduce the problem of having 
to dump fuel if an aircraft were to turn back after take-off. On the other 
hand, the volume needed to store the fuel is greater than the corresponding 
volume needed for kerosene, mainly on account of its different state. Lique- 
faction may be the answer, but then the maintenance of a very low temperature 
is a serious problem. However, in spite of all the difficulties associated with its 
use, the future prospects of hydrogen are encouraging, and, if the main ob- 
stacle to its extraction can be overcome, it has great potential as a replacement 
for fossil fuels. 


(a) What factor makes the extraction of hydrogen from water à particularly 


difficult problem? 
(b) How much energy is needed to separa 


water? 
(c) (i) Why is the combusion product virtually pollution free"? 
oduced if hydrogen were used as à 


(ii) What pollutants could still be pr 
fuel in an internal combustion engine? 

(iii) Explain briefly how these pollutants would be formed. 

(iv) What other property of hydrogen presents à problem when hyd- 
rogen is used in internal combustion engines? 

(v) What advantage would a hydrogen-driven fuel cell have over petrol 
as an energy source for motor vehicles? ; 

(vi) What prevents a fuel cell being used in present day vehicles? 

(d) (i) What particular property of hydrogen gives it an advantage over 

conventional aircraft fuels? 


te all the atoms in one mole of 
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(ii) Why would the use of hydrogen as a fuel reduce the wastage in the 
event of a fault developing soon after take-off? [yp] 


Essay-type Questions 


51. (a) Describe briefly how oxygen is obtained for large-scale use from 
the air. 

(6) Explain the involvement of atmospheric oxygen in the carbon cycle by 
describing 

(i) one process by which oxygen is removed from the air, and 
(ii) the replacement of oxygen into the air. 

(c) What changes, if any, would be seen if the following were placed in 
separate jars or tubes of oxygen? Write equations for any reactions which 
occur. : 

(i) burning sulphur 
(ii) pH indicator 
(iii) burning magnesium ribbon [mB] 


52. (a) Representing each covalent bond by a single line between two atoms, 
use diagrams to show the bonding in one molecule of (i) methane, (ii) 
ammonia, (iii) water. Beneath each structure, give the physical state of each 
compound at room temperature and pressure. 

(b) Account for the ionic bonding between sodium and chlorine in sodium 
chloride and for its physical state at room temperature and pressure. 

(c) Give three general properties in which simple ionic and covalent com- 
pounds differ, and state how they differ in each case. ; 

(d) Magnesium oxide is an ionic compound. Explain why the melting 
point of magnesium oxide is much greater than that of sodium chloride. 

(e) Explain why the melting point of diamond is greater than 3000 *C. 

[JMB 


53. Identify the substances A to J in the following statements, giving 
equations for any two reactions in each section. 

(a) A colourless solution A was alkaline to indicator paper and produced a 
brown precipitate B on addition to iron(m) chloride solution. Passage of 
carbon dioxide through A followed by crystallization gave a white solid C 
Which on heating decomposed to leave no solid residue. 

(b) When small pieces of a metal D were added in excess to copper(I!) 
sulphate solution, a brown precipitate E and a colourless solution were 
formed. After filtration, the colourless solution was treated with sodium 
hydroxide solution which was added dropwise. A white precipitate F was 
formed which dissolved when an excess of the alkali was added. 

(c) 10 cm? of 1-0 M sulphuric acid were added to 10 cm? of 1-0 M sodium 
hydroxide solution. The resulting solution was crystallized and a white solid 
G separated from the solution. Separate portions of a solution of G gave (i) a 
white precipitate, H, on treatment with barium chloride solution and (ii) a 
gas, J, on addition to sodium carbonate. [mB] 


Answers to Test Questions 


Unit 1 


i 


N 


o 


ni 


. The nucleus of the potassium at 


A — sublimation 

B — melting 

C — freezing 

D — vaporization/evaporation 
E — condensation 


. (a) evaporation 


(b) fractional distillation 
(c) sublimation 

(d) filtration 

(e) chromatography 


. (a) true 


(b) false (it gives only an order of magnitude) 
(c) true 
(d) true 


- (a) (iv) 


(b () 
(c) (v) 
(d) (vi) 
(e) (iii) 
(f) Gi) 


Particle Mass Charge 


1 fel 


Neutron 1 


2 
Electron 


om contains 19 protons 
(1 mark) and 20 neutrons (1 mark) 


i of 7 
Nitrogen isotopes have the same atomic number 


(1 mark) and different mass numbers (1 mark). One isotope 


: ark 
contains seven neutrons, the other eight neutrons (1 mark) 


») 
Q0 400 


(5 
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Unit 2 


il 
2: 


3. 
4. 


5. 


oo 


2n? 

(a) true 
(b) false 
(c) true 


(d) true 


(b) atomic number 


(i) set (c) 
(ii) set (b) 
(iii) set (a) 
(iv) set (d) 
(v) set (e) 


(a) Magnesium 2.8.2 
Chlorine 2.8.7 

(b) To attain the noble-gas structure of argon (1 mark); 
by gaining one electron it completes its outer stable 
octet of electrons (1 mark). 

(c) Mg?* 

(d) Mg?* Cl", 

(e) High melting point 
Forms a giant strongly bonded ionic lattice. 


. Because sodium chloride exists as ions within a giant 


lattice structure. No separate molecules exist in such 
a structure. 
Ammonia exists as separate small covalently bonded 
molecules. 


. (a) true 


(b) false 

(c) true 

(d) true (once formed, the dative covalent bond is indis- 
tinguishable from an ordinary covalent bond) 


. Methane exists as separate covalently bonded CH, 


molecules (1 mark). The forces between these molecules 
are weak and hence methane is a gas (1 mark). 

Diamond exists as a giant covalently bonded molecule 
(I mark). Each carbon atom is tetrahedrally bonded to four 
other carbon atoms by Strong covalent bonds. Much 


energy is necessary to break these bonds and melt the solid 
(1 mark). 


(1 mark) (1) 


as) 
@ uw 1) 
(I scm 
a. )(5 
(2 marks) (2) 
(1 mark) 
ss 2 
Qn) 
(os 3) 
a. 20 
Gas) 
(lazy 2) 
(He) 
@ esa) 
(Il, 5 25 
C as 018) 
GO oe 9 
dy 2Q) 
(1) 
(d a ) 
es} 
EC) 
(4) 


TOTAL: 30 
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Unit 3 
1. (a) Mass of oxide— mass of lead = mass of oxygen 
14-34g—12-42g = 1-928 (1 mark) 
(b) Number of moles of oxygen atom: 
_ 1:92 
~ 16 
= 012 (aig: =) 
12-42 
Number of == 
(c) Number o moles of lead 207 
— 0-06 Q0») 
(d) 0-06 mole of lead combines with 0-12 mole of oxygen 
atoms 
<. 1 mole of lead combines with oe = 2 moles of 
oxygen atoms (10D 
(e) <. formula of oxide = PbO, a »)0 
2. (a) Na CO3- Qu 
(b) Fe?* S0347 Cae 
(c) Zn2*(NO3)2 (1 
(d) AP* (OH), (by ed 
(€) Ag* Cl^ (1505) 
(f) K7SO3~ (1055099) 
3. (a) sodium hydrogensulphate qo») 
(b) iron(ur) nitrate Qo») 
(c) magnesium oxide lo») 
(d) ammonium sulphide 0») 
(o 6 


(e) mercury(n) sulphate 


4. (a) The hydrocarbon contains (100—14-3)% by mass of 
carbon = 8574 Qu) 
(b) .. 857g of carbon will combine with 14-3g of hydrogen 
*. number of moles of carbon atoms 
85:7 


12 
= 714 0») 


Number of moles of hydrogen atoms 
143 


= ep (15510 
<. 7-14 moles of carbon atoms combine with 14:3 moles 
of hydrogen atoms 
<. 1 mole of carbon 
hydrogen atoms a ) 
<. empirical formula — CH; ” 


atoms combines with 2 moles of 


h 
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The sum of the relative atomic masses of this formula 
CH, is 14. But the relative atomic mass of the hydro- 
carbon is 28, ie. 2 times 14. Thus the molecular 
formula is 2 times CH,, which is C,H, 


5. (i) 6 
(ii) 2 
(iii) 2Ag*NO3 iq) + K} CrOžaa > 
AgCrO$, --2K *NO3 qq) 
(iv) Because all the chromate(vi) ion is precipitated as 
silver chromate(v1) after the addition of 6 cm? of 
silver nitrate 
6. (a) iv (1 mark), (5) iii (1 mark) 
7. 1-27g (2 marks) 


Unit 4 
1. (c) 200 cm? 


2. (d) 28:3 cm? 
3. (a) 1 mole of Na* HCO; has a mass of 84g 


84 
^. 8:4g Na* HCO; is -g4 moles = 0-1 mole 


(b) 1 mole of Na; CO4- has a mass of 106g 
53 

~. 5:30g of Naf CO" is Te mole = 0:05 mole 
(c) 0:1 mole of Na* HCO; give 0-05 mole Na? CO2- 

`. 2 moles of Na* HCO} give 1 mole Naf CO2- 

.. Answer = 2 moles 
(d) 2Na* HCO;,, > Naz CO25-- CO; 4-H;0, 
(e) 1 mole of CO, occupies 22 400 cm? at STP 

112 
^. 112 cm? of CO, at STP i 
cm? of CO, a i82» 400 

(/) Yes, 1 mole of Na* HCO; gives 1 mole of CO; 

<. 0:005 mole Na*HCO; gives 0:005 mole CO, 


4. (a) 4480 cm? 


mole — 0:005 mole 


5. 1 mole of methane has a mass of 16g 
-. 32g is the mass of 2 moles of methane 
(a) 4 moles 
(b) 2 moles 
(c) 2x 22400 = 44800 cm? 
(d) 4x 22400 = 89600 cm? 


6. (a) CoH 01g) +4029) + 4CO;«,--5H,0,, 


(1 mark) (5) 
a aD 
A a) 


(2 marks) 


(1 mark) (5) 
(2) 
(2) 


TOTAL: 30 


(1 mark) (1) 
(L^ 5:200) 


(os 
(125.5) 
(155. 
a, )@ 
Gos) 
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(b) 1 volume of C,H10 requires 6} volumes O; 
* 100cm? of C,H,o requires 64x 100cm? O;— 


650 cm? (1 mark) 
(c) 1 volume of C,H,, produces 4 volumes CO,+5 

volumes H;O 

+, 100 cm? of C4H1 produces 400 cm? CO? 4- 500 cm? 

H,O Q )@) 

7. (a) Mass of nitrogen = 84:920 — 84:640 = 0:280 g 
<. number of moles of nitrogen (N5) — om = 001 
mole (120705) 


(b) 0-01 mole of nitrogen occupies 240cm? at room 

temperature and pressure 

-. | mole of nitrogen occupies 24000 cm? (eae) 
(c) Mass of hydrocarbon = 85-420 —84-640 = 0-780 g 

240 cm? of hydrocarbon has a mass of 0-780 g 

<. 24000 cm? of hydrocarbon has a mass of 


0:780 x 24 000 
240 
`. relative molecular mass of hydrocarbon = 78 (2 marks) (4) 
TOTAL: 20 
TOTALE Be 


Unit 5 

1. Solid lead(11) bromide will not conduct an electric current. 
The ions are held in a rigid crystal lattice and are not free 
to move to the electrodes. When the solid is heated, it melts 
and allows the passage of an electric current. Lead is 
liberated at the cathode and bromine at the anode. The 
decomposition of an electrolyte by an electric current is 


called electrolysis. 

(Allow 1 mark for each word in italics) (8) 
2. (a) false (1 mark) 

(b) false Wee) 

(c) false ü 5 

(d) true (519 

(e) true a, 00 
3. (a) 1-6 amp x (10x 60 seconds) = 960 coulombs 0») 

960 
(b) Number of = = 001 0») 
) Number of faradays 36000 
(c) The silver ion has a charge of +1 
<. 1 faraday (1 mole of electrons) will liberate ] mole 


of silver 
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0-01 faraday liberates 1-08g of silver 


1:08 
-". 1 faraday liberates ooi? of silver 
— 108g 
-. relative atomic mass of silver = 108 
0:09 0-01 
(d) Number of moles of X = | xw m or 0-0033 


0-01 
(e) a moles of X is liberated by 0-01 faraday 


0-01 
-. 1 mole of X is liberated by esr 3 


= 3 faradays 
3 faradays (3 moles of electrons) are required to liberate 
1 mole of X 
-. Charge on an ion of X = 4-3, i.e. the ion is X3* 
(f) Ag*+e > Ag 
X?*43e2 X 
(g) The metal ion is reduced to the metal by electron gain 


4. (a) Metal A must be higher than B and D but lower than C 
Metal B must belower than C and D 
Metal C must be higher than A and B 
Metal D must be higher than B 
Therefore the most reactive metal is C; next is A, then 
D, and least reactive is B. 

(b) W — no reaction 

X = no reaction 
Y — noreaction 
Z = reaction 


5. (a) (iv) 
(b) (iii) +0-93 volts 


Unit 6 


1. (b) oxygen (c) carbon dioxide (d) nitrogen (e) argon 
(4 marks: deduct 1 mark for each incorrect answer) 


2. (a) oxygen and carbon dioxide 
(b) nitrogen 
(c) one of the noble-gas family, e.g. argon 
(d) 158 cm? (allow 160 cm?) 


3. (a) (i)2H;04, > 2H504,4-O;( 
(ii) 2Pb,O,(, + 6Pb?* OZ O4. 
(iii) 2K * CIO, + 2K * CL +302) 
(iv) IK *NOs,, > 2K*NO;, + Or, 


(1 mark) 
(us 
0 0.) 
(Ua 
(SD) 
(43320 
(2 marks) 
(1 mark) 
(> 463 
(1) 
(| s (9 
(1.2) 
ads, )@ 
TOTAL: 30 
(4) 
(2 marks) 
(1 mark) 
(i) 
(15, £6) 
(1^ 5.) 
dors) 
Cl 5) 
(li Y 
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(b) manganese(Iv) oxide (Mn**O2 ^) 
(c) reaction (i) 


. (a) sulphur gives sulphur dioxide; 
magnesium gives magnesium oxide 
(b) sulphur burns with a blue flame and gradually dis- 
appears; 
magnesium burns with a brilliant white light and a 
white solid remains 


. (a) any two of the following: (i) lightning, (ii) root nodules 
of certain plants, (iii) nitrogen-fixing bacteria 
(b) any two of the following: (i) ammonium sulphate, (ii) 
ammonium nitrate, (iii) ammonia, (iv) ammonium 
phosphate, (v) urea 
(c) ammonia 
(d) photosynthesis 


A 


[21 


e 


. (a) true 
(b) true 
(c) false 
(d) true 


(a) both 
(b) boiling removes temporary hardness; 
calcium hydrogencarbonate 
(accept magnesium hydrogencarbonate) 
(c) the water still contains permanent hardness which is 
not removed by boiling 
(d) Ca?* C035, HHO + C02 > Ca^ (H CO:3):69 
(e) an ion-exchange resin removes both temporary an 
permanent hardness 
(f) the ions causing hardness in water are Ca) and/or 
Baa 
(g) Cad +2Na* Staa > Ca?* St +2Naieq) 
(or Mg - 2Na* Staa > Mg? St, +2Naaa) 


x 


Unit 7 
1. (c) endothermic 


during the hydration 


2. A large quantity of heat is liberated 
gy required to 


of the ions. This is much greater than the ener 
break down the crystal lattice. 


. Any three of the following (1 mark each) 
(b) concentration of reactants, (c) cata 
state of the reactants. 


: (a) temperature, 
lyst, (d) physical 


w 


(1 mark ) 
a. © 
Qo») 
dan) 
Qi) 
Q .)(9 
(2 marks) 
(2/050) 
(1 mark) 
ET (0) 
0 

0 5 
am 


0 
0 5 
(1 Guo) 
(any) 
(109500) 
(2 marks) 


(1 mark) 
(9) 


Tora: 40 
(1 mark) (1) 
0755.20) 


(3) 
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4. (a) Zn) +2H* Clg, > Zn?* Clea + Hoo (1 mark) 
(b) X (Lors 
(c) at Z reaction is complete ad aa) 

+13 
(d) = = 0:002 mole (1-5 


(e) 2 moles of hydrochloric acid react with 1 mole zinc 
-. 2x0-002 moles of hydrochloric acid react with 
0:002 mole zinc 
0-004 mole of hydrochloric acid react with 0-002 mole 


zinc 
`. volume required = 4-0 cm? of IM hydrochloric 
acid (Xu 
(f) true a Sa 
(g) false (6 5 
(h) true (I Ww» 
(i) false a 9 
Q) false an 
(k) false CL oul 
(D) false (i s. 102) 
5. (a) (iv) 2, 2, 1,2, 1 (2.9) 
(b) The solution would go yellow (1 mark) due to the for- 
mation of chromate(vi) ion. The addition of sodium 
hydroxide effectively neutralizes the acid and the 
equilibrium is pushed to the left (1 mark). (2 marks)(3) 
Tora: 20 
Unit 8 
1. (a) base (1 mark) 
(b) salt ra sed 
(c) acid ( wl 
(d) base (f enm) 
(e) salt ad» JO 
2. (d) less than 7 Cound 
3. (b) 7 a, 00) 
4. (a) false CL eevee 
(b) true (10755) 
(c) false (org) 
(d) false (155,5) 
(e) false 
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5. (i) (b) efflorescence (1 mark) 
(ii) (e) deliquescence (1 mark) 


6. (a) 1 dm? (1000 cm?) 
(b) Na* OH + H*Claq ^ Na*Claa- H20% 
Volume (H* Cl ) x Molarity (H* Cl ) 
Volume (Na* OH )x Molarity (Na* OH ) 


Moles of H+ CI- in equation 
Moles of Na*OH™ in equation 


25x005 — 12:5 cm? (2 marks) 


(O 2Na* OH, H1SOda > Na$SOduu E 2HiOn (1 mark) 


By similar formula to that in answer (5): 


25x005 1 


yx010 2 
. 25x005x2 _ 95.9 cm? (177. ) 


(d) 0-5 mole of hydrogen ions from an acid reacts exactly 
with 0-5 mole of sodium hydroxide solution. 
1000 cm? of 0-1M sodium hydroxide solution con- 
tains 0-1 mole sodium hydroxide 
^. 5000 cm? of 0:1M sodium hydroxide solution con- 
tains 0:5 mole sodium hydroxide 
*. volume required = 5000 cm? doo 


7. Approximately 50cm? of dilute (1 mark) sulphuric 
acid (1 mark) is warmed with an excess (1 mark) copper(m 
oxide. When no more of the oxide reacts the mixture is 
filtered (1 mark) into an evaporating basin and the 
filtrate (or solution) (1 mark) evaporated to crystallization 

point (1 mark). After cooling, the crystals are filtered, 

washed with a little water (1 mark) and dried between filter 


papers (1 mark). 


(8) 


. (a) sodium chloride (1 mark) 
(b) potassium nitrate qu ) 
(c) 70°C a 
(d) sodium nitrate Gr. 
(e) 150g — 80g = 70g (2m 


oc 
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Classification Oxide 
Acidic phosphorus(v) oxide (I mark) 
Basic copper(ir) oxide ~ a? 
Neutral carbon monoxide Gti 3 
Amphoteric aluminium oxide (Y 
Peroxide sodium peroxide (La 
Compound oxide| dilead(1) lead(1v) oxide qa, NO 
TOTAL: 40 
Unit 9 
1. (a) copper (1 mark) 
(b) iron (Ll 56) 
(c) sodium (L +) 
(d) calcium ( uw 
(e) magnesium (. us 2 
(f) aluminium (l 3) 
(g) iron Cl ax D 
(h) sodium (L a3 
(i) copper (lu 
(j) copper as, 200) 
2. A is potassium (0 55 
B is lead (b 3 
C is copper O a) 
D is zinc (L3 
E is lithium O 4 YO 
3. (a) is X (d us 
(b) is W and Z May 
(c) is X Aa? 
(d) is W and Z i Bae 
(e) is Y G 20 
(deduct one mark for each incorrect answer) 
4. Ais Fe?*SO2-. 7H,O (153. 9 
or hydrated iron(r) sulphate 
Bis Ba?*SO2 ~ ( a 


or barium sulphate 
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Cand D are SO, and SO, 
or sulphur dioxide and sulphur trioxide 
E is Fe* O2 
or iron(ur) oxide 
F is Fe?*Cly 
or iron(m) chloride solution 
G is sulphur (S) 
H is Fe?* Cl; 
or iron(11) chloride solution 
(i) With aqueous ammonia A gives green iron(I) 
hydroxide 
(ii) With nitric acid A is oxidized to an iron(1) salt and 
this with aqueous ammonia gives red-brown iron(imJ) 
hydroxide 


wn 


. (a) true 
(b) true 
(c) false 
(d) false 
(e) false 
(f) false (sodium carbonate does not decompose on 
heating) 
(g) true 
(h) true 


Unit 10 
l. (a) Sulphuric acid, ammonium chloride 
H;SO444- NH; Cl;, ^ NH? HSO + HCl, 
(b) Manganese(tv) oxide, sulphuric acid, ammonium 
chloride 
Mn** O5, -3H,SO44,4-2NHj Cl; > 
Mn?* SOj,, --2NHi HSO,, + 2H20q) + Cl; 
(c) Ammonium chloride, sodium hydroxide 
NH; Cl; +Na* OH, > Na*Clgq) +NHx)+H20q 
(d) Copper, sulphuric acid 
Cu, +2HSO4q) > Cu?* SO$,, + SOx) +2H20q) 


- (a) 2.8.18.7 
(b) fluorine 
(c) fluorine 
(d) iron(m) chloride 
(e) F+e > F- 
this is a`reduction process (electron gain) 
(f) bromine 
(g) iodine 


N 


(2 


(l 


(2 


Q 


(l 
(1 


marks) 


mark) 


marks) 


» )02 


mark) 


» ) 
) 
» ) 
) 


» ) (8) 


(1 mark) 
Gi ous } 


dos ) 
) 
J 
) 
) 
) 
) 
U a) 
m 
) 
) 
) 
) 
) 


(8) 
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3. (a) as a dehydrating agent (1 mark) 
(b) as an oxidizing agent yD 
(c) as a dehydrating agent ad, ) 
(d) as an acid @ 59 
(e) as an oxidizing agent (L9) 

4. (a) ammonia (| 57) 
(b) sulphur trioxide EN 
(c) phosphorus(v) oxide (phosphorus pentoxide) PTS | 
(d) carbon monoxide 0. as )(4) 

5. A — sodium iodide (I gd 
B — sodium sulphite ( us) 

C = sodium sulphide Qi wen 
D = silver iodide e S. 9D 
E — sulphur dioxide (1^. 5) 
F — hydrogen sulphide a, (9 

6. (a) true ado») 
(b) true ad») 
(c) false Mega) 
(d) false CE) 
(e) true (E. us 
(f) true (15559 
(g) false ü 5.) 
(h) true (ld » ) 
(i true (b 4.950 

TOTAL: 40 

Unit 11 

1. (a) pentane (1 mark) 
(b) propene (prop-l-ene) Ql. 52:3) 
(c) 1,2-dibromopropane Gan 3 
(d) 1,1-dichloropropane (1.2) 
(e) ethylamine (1-aminoethane) (Ll a VO) 

2. (d) C;H,4 is an alkene (s) 

BOH HH 
3. (b) two: ree EA a. 00) 
Guan 
and 
H'HOH-H 


lad 0-1 


TECUM ET 


H CHH H 
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H HHH 
aes 
4. butane H—C—C—C—C—H (2 marks) 
Pe bd 
HHHH 
and 2-methylpropane: 
H H H 
1 d 
H—C—C—C—H (2, )(4) 
| | 
H H 
H—C—H 
| 
H 
5. Formula (i) represents compound C (1 mark) 
Formula (ii) represents compound B eom 
Formula (iii) represents compound D (d) 
Formula (iv) represents compound A (14 499 00 
6. (a) (iii) cracking Q s) 
(b) (i)alkene (131. 
(c) carbon dioxide, water vapour, carbon monoxide (any 2) RE) 
HH H 
T 
7. H—C—C—C—OH propan-l-ol (195, ) 
| | | 
HAH 
H H H 
at al 
H—C—C—C—H propan-2-ol ad, )@ 
L 
H OH H 
TOTAL: 20 
Unit 12 
1. (a) starch (1 mark) 
(b) poly(ethene) or nylon 0») 
(c) starch or nylon (l.S) 
(d) poly(ethene) (Wats: 2 
(e) buta-1,3-diene 0 » ) 
(f) glucose 0 s) 
(g) maltose (Hus. ) 
a, )@) 


(h) alanine (2-aminopropanoic acid) 
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2. (a) addition 
(b) polytetrafluoroethene) 
(c) K "d «x / * F 
T Su I P d UN af 
Zi i A 2" ^s 
|^ ne d P" 
(d) poly(ethene), poly(chloroethene) or any addition 
polymer based on ethene 
(e) any one of the following: ‘non-stick’ cookware, low- 
friction bearings, insulation 
3. (a) Hydrolysis signifies a reaction between a substance 
and water. 


(b) Maltose 
(c) Accept either amylase or enzyme 


4. (a) |Polymer Column A Column B 
pe polyester synthetic 
Cellulose, carbohydrate | natural 


Poly(phenylethene) | hydrocarbon | synthetic 


protein natural 


(b) Poly(phenylethene) is addition, the other three con- 
densation 

(c) Insulin 

(d) Insulin 


Insulin 


Unit 13 


1. (a) An alpha particle is a helium nucleus consisting of 2 
protons and 2 neutrons 
(b) A beta particle is an electron 
(c) A gamma ray is electromagnetic radiation 


2. (a) 228 is the Mass Number = sum of protons--neutrons 
88 is the Atomic Number — number of protons 
Number of neutrons = 228 —88 = 140 

(b OF 
(i) B 


(iii) a 


(1 mark) 
qs, ) 
0 n) 
A .) 
(D LO) 
0 5.) 
(li syed) 
ad» )@) 
(8 marks) 
(4 marks) 
(1 mark) 
Q a A 
(1mark ) 
(rane) 
ad» )@) 
(149 
Uy 
(lu 
(1) 
(QU uw) 
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(c) They are isotopes (same atomic number) 


3. X has atomic number 88 and mass number 228 


4. 


Y has atomic number 89 and mass number 228 
Z has atomic number 90 and mass number 228 


(a) false ($ remains after three half-lives, i.e. 30 minutes) 
(b) false 
(c) true 
(d) true 
(e) false 


Unit 14 


l. 


w 


> 


wn 


(a) Direct current 
(b) To lower the melting point of the sodium(1) chloride 
(c) (i) sodium: Na* +e > Na 

(ii) chlorine: 2C17 —2e > Cl; 


. (a) A ‘heavy’ chemical is one produced in large quantities 


(b) The Haber process 
(c) Nitrogen from the air 
Hydrogen from methane (or from water gas) 
(d) It increases the rate of the reaction 
(e) A finely divided catalyst provides a large surface area 
(f) Nagy 4-3H5 = 2NHs( 
(g) It is either liquefied or dissolved in water 


. (a) (iii) limestone, iron ore and coke 


(b) (iv) molten calcium silicate 
(c) (ii) carbon monoxide 

(d) (ii) 4% carbon 

(e) (i) 0-1—2% carbon 


(a) Sulphur and air 

(b) Sulphur dioxide 

(c) 28054 4- O5 = 2805( 

(d) Vanadium(v) oxide (vanadium pentoxide) 

(e) By dissolving sulphur trioxide in concentrated sul- 


phuric acid and diluting the product " 
(f) There are numerous uses, e.g. manufacture of fertilizers 


. (a) false (the by-product is calcium chloride) 


(b) true 
(c) true 
(d) false (the process is saponification) 
(e) true 


(1 mark) (6) 
(2 marks) 
Q^.) 
(27V *9((6) 
(1 mark) 
(axes) 
(Is) 
(Desi) 
(1:95. O 
TOTAL: 20 
(1 mark) 
(Lacon) 
(2 marks) 
Qu (0 
(1 mark) 
(1.51) 
(1,297) 
(ES) 
(Ew) 
(Dune) 
(15.0 
Q )@) 
(ern) 
(qu) 
(GEI) 
(10 5) 
a, 20 
(aussy 
(02521 
(im) 
(135) 
(us 9 
5:99) 
(555 9 
(15 
(s. ) 
( s 


) 
(BIO, 
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Unit 15 


2, 


= 


(a) false 
(b) true 
(c) false 
(d) true 


(e) true 


(a) CsHis + 12402 +8CO2. + 9H20 
or 
2C4H;s + 250, — 16CO, + 18H,0 
(b) Carbon monoxide (CO) 
(c) Black solid is carbon 
Formed by incomplete combustion of petrol 
(d) Either tetraethyl-lead or tetramethyl-lead 
(c) Because volatile lead compounds are released 
into the atmosphere with the exhaust gases 
These lead compounds are poisonous 


- (a) Fertilizers (or sewage) 


(b) Plant growth is speeded up 
(c) The fish eventually die due to oxygen depletion 


(a) Carbon dioxide 
b) Ammonia 

(c) Sulphur dioxide 
(d) Carbon monoxide 
(e) Methane 

(f) Nitrogen dioxide 
(g) Sulphur dioxide 
(h) Oxygen 


(1 mark) 
0.) 


) 
0.) 
) 


(2 marks) 
(1 mark) 


Index 


Absolute zero, 75 
Acetic acid, 161, 169-71 
Acetone, 262 
Acetylene, 262 
Acid anhydrides, 236, 238 
Acid salts, 170 
Acidic oxides, 161 
Acidity and alkalinity, 159 
Acids 
Basicity of, 170 
Definition, 158, 163 
Hydrochloric, 225-6 
Hydrogen ions in, 163 
Neutralization, 164-9 
Nitric, 171, 243-5, 319-20 
Organic, 169, 276 
pH scale, 159 
Properties, 161 
Sulphuric, 160, 171, 238-40, 317-19 
Weak and strong, 169-70 
Activation energy, 151-3 
Addition polymers, 280-2 
Addition reactions, 272-3 
Advanced gas-cooled reactor (AGR), 333 
Air, 113-18 
Composition, 113 
Fractional distillation, 117 
Pollution of, 337 
Alcohols, 274-6 
Isomerism, 274 
Nomenclature, 274 
Alkali metals, 33, 185-91 
Compounds, 189-91 
Detection, 188-9 
Reactions with air and water, 186-7 
Uses, 188 
Alkaline-earth metals, 191-5 
Compounds, 194-5 
Reactions with acids and water, 192-3 
AM 193 i 
aline pyrogallol, 115 
Alkalis, 138.70 
Alkanes, 263-8 
General formula, 263 
Homologous series, 266 
Isomerism, 264 
Nomenclature, 264-6 
Properties, 267 
Structure. 263 
Alkenes, 271-4 
Nomenclature, 271-2 
Properties, 272-4 
Alkyl groups, 266-7 


Allotropy, 233-4, 247, 249 
Alpha radiation, 298, 301 
Alternative energy sources, 331-5 
Aluminium, 195-9 
Manufacture, 322-3 
Reaction with air, 195 
Reactions with acids and alkalis, 196 
Uses, 197 
Aluminium compounds 
ammonium sulphate-12-water, 198 
chloride, 196, 198 
hydroxide, 197 
oxide, 161, 197 
potassium sulphate-12-water, 198 
sulphate-18-water, 198 
Alums, 198 
Amino-acids, 292-3 
Ammines, 243 
Ammonia, 40, 124, 139-40, 241 
Manufacture, 319 
Preparation, 241 
Properties, 241-3 
Tests for, 243 
Uses, 243 
Ammonia-soda process, 313-15 
Ammonium compounds 
alum, 198 
hydroxide, 242-3 
nitrate, 123, 246, 320-1 
nitrite, 124 
phosphate, 123, 320-1 
sulphate, 123, 320-1 
Ammonium ion, structure. 42 
Amphoteric oxides, 161 
Amylase, 291 
Anhydrite, 195 
Anhydrous salts, 173 
Anions, 34, 91-7 
Anode, 91 
Aqueous ammonia, 162, 242-3 
Argon, 113, 117-18 
Arrhenius, S., 163 
Ascorbic acid, 161 
Atom 
Charge-cloud picture, 29, 39 
Constituent of matter, 15 
Mass of, 22-3, 51-2 
Radioactive, 301—3 
Structure of, 20-2, 27-8 
Atomic bomb, 305 
Atomic number, 22, 32 ^ 
Atomic weight (relative atomic mass), 23, 
51 


386 Success in Chemistry 


Avogadro, A., 53 
Avogadro constant (Avogadro’s number), 


Avogadro’s law, 79-81 


Baking powder, 130 
Baking soda, 130 
Barium compounds 
peroxide, 161 
sulphate, 178, 238 
Bases, 159, 161-4 
Basic oxides, 161 
Basicity, 170 
Bauxite, 323 
Becquerel, H., 297 
Beryllium, 192-3 
Beta radiation, 298, 301 
Binding energy, 304-5 
Birkeland and Eyde process, 124 
Blast furnace, 321-2 
Bleaching powder, 223 
Boiling point, 6 
Bonds, 33-9 
Co-ordinate (dative covalent), 42 
Covalent, 38-9 
Double, 39, 261-2, 271-3 
Hydrogen, 45 
Ionic, 34-6 
Metallic, 184 
Triple, 262, 273 
Borax, 254 
Bordeaux mixture, 207 
Boyle's law, 73-4 
Brass, 205, 208 
Broglie, L. de, 21 
Bromide ion, test for, 227 
Bromine, 
Oxidizing properties, 223-4 
Preparation, 220-1 
Reactions, 222 
Uses, 225 
Bromothymol blue, 164 
Brónsted, J.N., 163 
Bronze, 205-6 
Brownian motion, 18 
Butane, 264-5 
Butanoic acid, 170 
Butyl rubber, 288 
Butyric acid, 170 


Caesium, 186-8 

Caesium chloride, structure, 36 

Calamine, 208 

Calcite, 194 

Calcium, 191-3 

Calcium compounds 
carbonate, 126-8, 132, 134, 194, 

315-16, 318 

hydrogencarbonate, 128, 132, 134 
hydroxide, 128, 194, 241, 316 
oxide, 127, 194, 241, 315-16 
stearate (octadecanoate), 134 


sulphate, 194-5 
Carbohydrates, 125, 239, 289-91 
Carbon, 248-9 

Allotropes, 44-5, 249 

Combustion, 121 

Organic compounds, 258-76 
Carbon cycle, 125-6 
Carbon dioxide, 115, 125 

Preparation, 126 

Properties, 127-9 

Uses, 129-30 
Carbon monoxide, 249-50, 337, 338 

Fuel gases, 250- 

Preparation, 245-50 

Properties, 250 
Carbonic acid, 128, 132, 171 
Catalysis, 118, 127, 151-3 
Catalysts 

Biological (enzymes), 127 

Industrial uses, 318-20 

Poisoning of, 318 
Cathode, 91 
Cations, 34, 91-7 
Caustic soda, 189-90, 312-13 
Cell, electrochemical, 98-110 

Daniell, 98-9 

Diagram, 100 

Dry, 107-8 

Lead storage, 108-9 

Primary, 98 

Voltage, predicting, 103-5 
Cellulose, 291 
Celsius temperature scale, 75 
Cement, 316, 318 
Centigrade (Celsius) temperature scale, 

75 


Chadwick, J., 21 
Chain reaction, 304 
Chalcopyrite, 204 
Charles' law, 74-6 
Chemical kinetics, 146 
Chemical reactions, predicting, 105 
Chernobyl reactor, 335 
Chloric(1) acid, 222 
Chloride ion, test for, 227 
Chlorine 
Manufacture, 311-13 
Oxidizing properties, 223-4 
Preparation, 220-1 
Reactions, 222-3 
Uses, 224-5 
Chlorine water, 222 
2-Chlorobuta-1,3-diene (chloroprene), 
287 


Chloroform, 263 

Chloroprene, 287 

Chile saltpetre, 191 

Chromatography, 13, 290-1, 293 

Chrome alum, 198 

Chromium(i) potassium sulphate-12- 
water, 198 

Cinnabar, 212 

Citric acid, 161 


Coal, distillation of, 251-2 
Coal gas, 251 
Coke, 251, 323 
Collision theory, 147, 150 
Combined gas law, 77 
Combustion, 120 
Heat of, 140-3 
Compounds, 8 
Compound fertilizers, 320 
Compound oxides, 161 
Concrete, 318 
Condensation polymers, 282-5 
Condensation reactions, 282-4 
Conductivity, 87-91 
Conductors, 89 
Conservation of matter, law of, 63 
Constant composition, law of, 56 
Contact process, 317-18 
Co-ordinate bond, 42 
Copper, 193, 199, 204-7 
Properties, 205 
Purification, 107, 204-5 
Reaction with acids, 205 
Uses, 205-6 
Copper(1) oxide, 206 
Copper(it) compounds 
carbonate, 177, 207 
chromate(vi), 93-4 
hydroxide, 206-7 
nitrate-3-water, 207 
oxide, 161, 176, 206 
sulphate-5-water, 174, 176, 207, 239 
tetra-ammine, 207, 243 
Coulomb, the, 95 
Covalent bond, 38-9, 259-63 
Carbon-carbon single, 259-61 
Carbon-carbon double, 261-2 
Carbon-carbon triple, 262 
Carbon-hydrogen, 259 
Carbon-oxygen, 262 
Covalent compounds, 42-5 
Cracking 
Catalytic, 270 
Thermal, 270 
Critical mass, 305 
Crude oil, 268 
Cryolite, 322-3 
Crystal lattice, 36 
Crystals, 15 
Curie, M. and P., 298 
Cyclohexane, 261 


Dalton, J., 20 
Daniell cell, 98-9 
DDT, 343 
Decay 
Animal and plant, 125-6 
Radioactive, 302-3 
Definite proportions, law of, 56 
Deliquescence, 114, 175 
Density, relative, 81 
Depolymerization, 281-2 
Detergents, 323-6 
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Diamond, 44, 218-19 

Dibromoethane, 265-6 

Diffusion, 18 

Digestion, 289 

Dilead(1) lead(1v) oxide, 119, 161, 210-11 

Dinitrogen oxide, 246 

Dinitrogen tetroxide, 246-7 

Dipeptide, 292 

Distillation, 10-12 
Fractional, 11 

Double decomposition, 178 

Double salts, 198 

Downs cell, 311-12 

Drugs, 345 

Dry cell, 107-8 

Dry ice, 127, 129 

Ductility, 183-4 


Efflorescence, 176 
Einstein, A., 305 
Electric-arc process, 124 
Electrochemical cells, 98-109 
Electrochemical series, 102-7 
Electrolysis, 91-107 

Industrial applications, 204-5, 213, 

311-13, 322-3 

Electrolytes, 90, 93 


90 
Electron shells, 27 
Electrons 
Beta particles, 298 
Competition for, 100 
Delocalized, 47 
Energy levels, 28 
Metals, in, 47 
Mobile, 47 
Noble-gas configuration, 33 
Octets of, 39 
Orbital clouds, 39-40 
Planetary, 27 
Sharing of, 38-9 
Shells of, 27 
Transfer of, 34-6 
Elements 
Definition, 8, 22 
Electronic structure, 29 
Groups (families) of, 33 
List of, 331-3 
Masses of, 53 
Periodic table of, 30-1 
Symbols, 2: 
Empirical formula, 56, 61 
Endothermic reactions, 139-40 
Energy, 138 
Activation, 150-3 
Kinetic, 19 
Potential, 19 
Energy levels, 28 
Energy resources, 330-5 
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Energy resources (cont'd) 
Fossil fuels, 330 
Geothermal, 332 
Hydrothermal, 332 
Nuclear, 333 
Solar, 332 
Tidal, 332 

Enzymes, 127, 274-5 

Equation, chemical, 63-9 

Equilibrium, chemical, 153-5 

Esterification, 276 

Esters, 276, 324-5 

Ethane, 259-60 

Ethanedioic acid, 170, 239, 250 

Ethanoic acid, 161, 169-71 

Ethanol, 127. 274 6 
Manufacture, 274-5 
Properties, 275-6 

Ethene, 261-2 

Ethyne, 262 

Eutrophication, 341 

Evaporation, 7, 130 

Exothermic reactions, 139-40 

Extraction of metals, 212-13 


Fahrenheit temperature scale, 75 
Families of elements. 33 
Faraday, the, 95-8 
Faraday’s laws of electrolysis, 95, 98 
Fast reactor, 334 
Fermentation, 127, 274-5 
Fermi, E., 305 
Fertilizers, 123, 320-1 
Filtration, 8-10 
Finite energy sources, 331 
Fire extinguishers, 129-30 
Fission, nuclear, 303-4 
Fixed points, 131 
Fluorine, 219-22 
Food, 342-4 
Formic acid. 169. 239. 250 
Formula, 53-63 
Determination by experiment, 54-5 
Empirical, 56 
Molecular, 61, 264-5 
Fossil fuels, 330 
Fountain experiment, 241-2 
Fractional distillation, 11, 117, 268-70 
Frasch process, 232 
Freezing point, 6 
Fructose, 275 
Fuel gases, 250-2 
Functional groups, 266 
Fusion, nuclear, 306 


Galena, 209 

Galvanizing, 201 

Gamma radiation, 298, 301 

Gas 
Calculations, 82-4 
Compressibility, 73 
Definition, 6 


Density, 78-9 

Molecules in, 20 

Relative density, 81 

Volume of, 73-80 
Gas law, combined or general, 77 
Gasoline, 269 
Gay-Lussac's law of combining volumes, 


Geiger-Müller counter, 154, 300 
General gas law, 77 
Geothermal energy, 332 

Giant molecules, 44—7 

Glass, 254 

Glauber's salt, 191 

Glucose, 275 

Glycerol, 324-5 

Glycogen, 288-9 

Gold-leaf electroscope, 299-300 
Gram-atom, 51-3 
Gram-molecular volume, 79 
Graphite, 44, 218-19 

Groups of elements, 33 
Gypsum, 194 


Haber process, 319 

Haemoglobin, 249 

Half-cell, 102 

Half-life, 302-3 

Half-reaction, 98 

Halide ion, tests for, 227 

Hall cell. 322-3 

Halogens, 33, 219-27 
Chemical properties, 221-4 
Electronic configuration, 219 
Oxidizing ability, 223-4 
Physical properties, 219 
Preparation, 220-1 
Uses, 224-5 

Hardness of water, 132-4 
Permanent, 134 
Temporary, 134 

Heat capacity, 141 

Heat of reaction, 139-46 
Combustion, 140-3 
Hydration, 143 
Neutralization, 143-5 
Precipitation, 145-6 
Solution, 143 

Heavy chemicals, 158, 310-26 

Hexane, 267 

Hofmann voltameter, 106 

Homologous series, 266 

Hydrated ions, 92 

Hydrated salts, 173-5 

Hydration, heat of, 143 

Hydroiodic acid, 171 

Hydrobromic acid, 171 

Hydrocarbons, 257-74, 339 
Branched, 261 
Ring, 261 
Straight-chain, 260-1 

Hydrochloric acid, 162-5, 171, 225 
Manufacture, 313 


Preparation, 225 
Properties, 225 
Hydrogen, 120, 124, 227 
Preparation, 227-8 
Reactions, 228-9 
Reducing properties, 229 
Uses, 229 
Hydrogen bond, 45, 131 
Hydrogen chloride, 225 
Preparation, 225-6 
Properties, 225-6 
Hydrogen peroxide, 118, 152, 235 
Hydrogensulphates, 238 
Hydrogen sulphide 
Preparation, 234 
Properties, 234-5 
Hydrolysis, 289-91 
Hygroscopic substances, 114 
Hydrothermal energy, 332 
Hypochlorous acid, 222 


Ice, 45 

Iceland spar. 194 

Indicators, 159, 164 

Insulators, 89 

lodide ion, test for, 227 

Iodine, 
Oxidizing properties, 223-4 
Preparation, 220-1 
Radioactive, 153-4, 306 
Reactions, 222-3 
Uses, 225 

Ion-exchange resins, 134 

Ionic bond, 34-6 

Ionic compounds 
Characteristics, 42 
Nomenclature, 57 

Ionic crystals, 36 

Tons, 34, 58, 91-7 
Conductors, in, 43 
Crystals, in, 36 
Dipositive, 35 
Electrolytes, in, 91-3 
Formation of, 34 
Hydrated, 92 
Metals, in, 46, 183 
Movement of, 93-5 
Quantity of charge on, 97 
Selective discharge of, 105-7 

Iron, 121, 199-204 
Compounds, 201-4 
Manufacture, 320-2 
Oxidation, 203 
Properties, 200 
Reaction with acids and steam, 201 
Reduction, 204 
Rusting, 200-1 
Tests for, 204 

Iron(u) compounds 
chloride, 203 
di-iron(ur) oxide, 161, 202 
hydroxide, 202 


Index 


oxide, 202 
sulphate, 177, 203 
Iron(im) compounds 
chloride, 203, 222 
hydroxide, 202 
nitrate, 155 
oxide, 202 
sulphate, 203 
Isomerism, 264, 274 
Isomorphism, 198 
Isoprene, 286-8 
Isotopes, 22 
Radioactive, 306-8 


Jeweller's rouge, 202 


Kerosine, 269 
Kinetic energy, 19, 150-1 
Kinetic theory of matter, 17-20 


Latex, 287 
Lattice 
Body-centred cubic, 36-7 
Breaking of. 43 
Crystal, 36, 42 
Face-centred cubic, 36-7 
Ionic, 36-7 
Metallic, 46-7, 183 
Lattice energy, 143 
Lavoisier, A. L., 120 
Law of conservation of matter, 63 


Law of constant composition (definite 


proportions), 56 
Lead, 209-12 
Compounds, 210-12 
Extraction, 209 
Properties, 209-10 
Reaction with acids, 210 
Uses, 210 
Lead(u) compounds 
bromide, 91, 95 
chloride, 211-12 
hydroxide, 211 
iodide, 65, 212 
nitrate, 211 
oxide, 210 
sulphate, 212 
Lead(1v) compounds 
oxide, 210-11 
tetraethyl, 210, 340 
tetramethyl, 340 
Lead storage cell, 108-9 
Lime kiln, 315 
Limestone, 127, 132, 194, 315-16 
Lime-water, 128, 194 
Liquid air, 117 
Lithium, 186-7 
Litmus, 1 
Lowry, T. M., 163 


Magnesium, 120, 124, 192-3 
Magnesium compounds 
nitride, 124 
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Magnesium compounds (cont'd) 
stearate, 134 
sulphate-7-water 175, 177 

Malachite, 207 

Malleability, 183-4 

Manganese(Iv) oxide, 118, 152 

Marble, 146, 194 

Margarine, 229 

Mass, 5, 22 

Mass-energy relationship, 304-5 

Mass number, 22 

Matter, 5 
States of, 6 

Medicines, 345 

Melting point, 6, 43 

Mendeleev, D. I., 32 

Mercury cell, 312-13 

Mercury poisoning, 342 

Metallic bond, 184 

Metals, 183-213 
Conductivity, 88-90, 184 
Extraction, 212-13 
Physical properties, 184 
Position in periodic table, 184-5 
Structure, 46-7, 183-4 

Methane, 39, 127, 139-40, 251-2, 259 

Methanoic acid, 169, 239, 250 

Methanol, 141-3, 262 

Methyl orange, 164, 166 

Methylamine, 262-3 

Methylbenzene, 11-12, 163 

Methylbuta-1,3-diene, 286-8 

2-Methylpropane, 261, 265 

Milk of lime, 68, 194 

Millikan, R., 21 

Mineral resources, 335 

Mixtures, 8 

Mobile electrons, 47, 184 

Molar solution, 65, 164 

Molarity, 164, 167 

Mole, 53 

Molecular formula, 61, 264-5 

Molecular structures 
Ammonia, 40 
Diamond, 44 
Graphite, 44 
Methane, 41 
Water, 41 

Molecular weight (relative molecular 

mass), 61 

Molecules 
Constituents of matter, 15 
Giant, 44-6 
Motion of, 18-20 
Polymeric, 45, 279-91 
Shapes of, 39-42 
Size of, 16-17 

Monoclinic sulphur, 233 

Monomers, 279-80 

Mortar, 316 

Movement of ions, 93-5 


Naphtha, 269 


Natural gas, 38, 127, 138, 251-2 
Neoprene, 287 
Neutral oxides, 161 
Neutralization, 159, 162-3 
Heat of, 143-5 
Neutron, 21 
Neutron moderator, 305 
Nitrates, action of heat on, 245-6 
Nitric acid, 171, 243-5 
Manufacture, 319-20 
Preparation, 243-4 
Properties, 244-5 
Uses, 245 
Nitric oxide, 247 
Nitrogen, 117, 122 
Fixation, 123 
Oxides, 338 
Preparation, 124 
Properties, 124, 240 
Uses, 118 
Nitrogen cycle, 122-3 
Nitrogen dioxide, 246-7 
Nitrogen oxide, 247, 320 
Nitrogenous fertilizers, 320 
Nitroglycerine, 245 
Nitrous oxide, 246 
Noble gases, 33,113,117 — 
Nomenclature based on oxidation 
numbers, 57 
Nonane, 260 
Non-electrolytes, 90 
Non-metals, 217-54 
Chemicat properties, 219 
Position in periodic table, 218 
Normal salts, 170 
Nuclear energy, 333-5 
Nuclear reactions 
Fission, 303-6 
Fusion, 306 
Nuclear reactor, 305-6, 333-5 
Nucleus, atomic, 21-2, 297 
Nylon, 283-5 


Oil film, thickness of, 16 
Oleum, 318 
Orbitals, 29 A 
Organic chemistry, definition, 258 
Ostwald process, 320 
Oxalic acid, 170, 239, 250 
Oxidation, 98, 120, 202, 223-4, 230--1 
Oxidation number, 57, 231 
Oxides, 120, 159-61 

Acidic, 160 

Amphoteric, 161 

Basic, 161 

Compound, 161 

Neutral, 161 
Oxides of nitrogen, 246-7 
Oxonium ion, 163 
Oxygen, 115-17, 124 

Preparation, 118-19 

Properties, 120-2, 229 

Uses, 118 


Particulates, 340 
Passivity, 245 
Peptide linkage, 292-3 
Period, 32 
Periodic table, 30-3 
Permutit, 134 
Peroxides, 161 
Perspex, 281-2, 286 
Pesticides, 343 
Petrochemicals, 271 
Petroleum, 268 
Refinining, 268-70 
pH scale, 159 
Phosphate fertilizers, 248 
Phosphatizing, 201 
Phosphor bronze, 206 
Phosphoric acid, 160, 171 
Phosphorus, 121, 247-8 
Allotropy, 247-8 
Fertilizers, 320 
Uses, 248 
Phosphorus compounds 
pentachloride, 248, 275 
pentoxide, 121, 248 
trichloride, 248 
Phosphorus(v) oxide, 121, 160, 248 
Photoelectric cell, 188, 301 
Photosynthesis, 125, 289 
Pig iron, 322 
Pitchblende, 297-8 
Plaster of Paris, 195 
Plastics, 279-88 
Plastic sulphur, 234 
Plating, 201 
Polar molecules, 42 
Pollution 
Air, 337 
Land, 340 
Water, 340 
Polonium, 298, 302 
Poly(chloroethene), 280-6 
Poly(ethene), 279-80, 285 
Polymerization, 253 
Polymers, 45, 279-94 
Thermoplastic, 285 
Thermosetting, 285-6 
shied ae 2-methylpropenoate), 281-2, 


Polymorphism, 249 
Polypeptide, 293 
Polyphenylethene, 281-2, 286 
Polypropene, 281 
Polypropylene, 281 
Polystyrene, 281-2, 286 
Poly(tetraflouroethene), 281, 286 
Polythene, 279-80, 285 
Polyvinyl chloride, 280-6 
Population explosion, 330 
Potash alum, 198 
Potassium, 187, 212 

Fertilizers, 320 

otassium compounds 

chlorate(v), 119, 172 


Index 


chloride, 172 
chromate(vi), 154 
dichromate(v1), 154 
hexacyanoferrate(11), 204 
nitrate, 119, 191 
sulphate, 172 
thiocyanate, 155, 204 

Potential energy, 19 

Precipitation, 65, 178 
Heat of, 145-6 

Pressure (of gas), 20, 73-8 

Pressurized water reactor (PWR), 334 

Primary cell, 98 

Producer gas, 251 

Propane, 260-1 

Propanone, 262 

Propene, 271-2 

Proteins, 122, 293-4 

Proton, 21-2, 164 

PTFE, 281, 286 

PVC, 280-6 

Pyrex glass, 254 


Iron, 318 


Quartz, 252 
Quicklime, 127, 194, 315-16 


Radioactive iodine, 153-4, 306 
Radioactive isotopes 
Industrial applications, 307 
Medical applications, 306 
Radioactivity, 297-308 
Detection of, 299-301 
Discovery of, 297-8 
Nature of, 298 
Radium, 298-9 
Rate curves, 148-9 
Rate of reaction, 146-52 
Reaction, heat of, 139-40 
Reactions 
Addition, 272-3 
Chain, 304 
Condensation, 282-4 
Endothermic, 139 
Exothermic, 139 
Reversible, 152-5 
Thermite, 196 
Reactivity series, 102-7 
Reactors, nuclear, 305-6, 333-5 
Red lead, 119, 161, 210-11 
Redox reaction, 103 
Red phosphorus, 247-8 
Reduction, 98, 202 
Reduction potential, 102-7 
Relative atomic mass, 23, 51 
Relative density, 81 
Relative molecular mass, 61, 78-9 
Respiration, 125-6 
Reverberatory furnace, 204 
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Reversible reactions, 152-5 
Rhombic sulphur, 233 
Rubber 
Natural, 286-7 
Synthetic, 287-8 
Rubidium, 186-8 
Rusting, 200-1 
Rutherford, Lord, 21, 298 


Saliva, hydrolysis of starch by, 289-91 
‘Salt’ (common salt), chemicals from, 
311-15 
Saltpetre, 191 
Salts, 170-8 
Acid, 170 
Double, 198 
Hydrated, 173-5 
Normal, 170 
Preparation of, 176-8 
Solubility of, 173 
Sand, 252, 254 
Saponification, 325 
Saturated hydrocarbons, 267 
Saturated solution, 171 
Scintillation counter, 300-1 
Sea water, 336 
Shapes of covalent molecules, 39-42 
SI Units, 2-3 
Silica, 252, 322 
Silicon, 248-9, 252 
Silicon(1v) oxide, 252 
Silicones, 253-4 
Silver nitrate, 227, 246 
Slag, 322 
Slaked lime, 194, 241, 316 
Smelting of iron, 322 
Soap, 133-4, 323-5 
Sodium, 120, 186-8 
Manufacture, 311-12 
Properties, 186-7 
Uses, 188 
Sodium compounds 
carbonate, 134, 165, 176, 190-1, 313-15 
chlorate(1), 222 
chlorate(v), 222-3 
chloride, 37, 172, 189 
ethoxide, 275 
hydrogencarbonate, 126-7, 130, 190-1, 
313-15 


hydrogensulphate, 177, 191 
hydrogensulphite, 236 
hydroxide, 162-3, 186, 189-90, 312-13 
hypochlorite, 222 
nitrate, 191, 244 
nitrite, 124 
oxide, 161 
peroxide, 120 
stearate (octadecanoate), 133-4, 324-5 
sulphate, 172, 177, 191 
sulphite, 236 
thiosulphate, 149 
Solar energy, 332 
Solubility, 43, 171-3 


Curves, 172 
Solute, 8 
Solution, 8 
Heat of, 143 
Saturated, 171 
Solvay (ammonia-soda) process, 313-15 
Solvent, 8 
Stalactites, 132 
Stalagmites, 132 
Standard conditions (STP), 77 
Standard solution, 164-5 
Starch, 289-91 
State symbols, 66 
States of matter, 6 
Steel, 322 
Strong acids, 169-70 
Strong electrolytes, 90 
Sublimation, 8, 12 
Substance, 5 
Substitution reactions, 267 
Sucrase, 275 
Sulphates, 171, 238 
Test for, 238 
Sulphides, 235 
Sulphonates, 325-6 
Sulphur, 232-4 
Allotropy, 233-4 
Extraction, 232 
Oxides, 339 
Reactions, 234 
Uses, 234 
Sulphur compounds 
dioxide, 160, 235-7 
trioxide, 160, 237-8 
Sulphur(vi) oxide, 160, 237-8 
Preparation, 237 
Properties, 237-8 
Sulphurous acid, 160, 236 
Sulphuric acid, 160, 171, 238-40 
Acid properties, 238 
Dehydrating properties, 239 
Manufacture, 317-19 
Oxidizing properties, 238-9 
Uses, 240 
Sulphurous acid, 160, 236 
Superphosphate, 320 
Surface tension, 324 
Sylvinite, 320 
Symbols, chemical, 23 


Terylene, 284 

bated RARO, 196 = 
ermoplastic polymers, 

Thermosetting polymers, 285-6 

Thomson, J. J., 21 

Three Mile Island, 335 

Tidal energy, 332 

Titration, 165-7 
NT, 245 

Toluene, 11, 163 

Town gas, 251 

Transition metals, 199-207 
Position in periodic table, 199 


Properties, 199 
Transition temperature, 233 
Transpiration, 130 
Trichloromethane, 263 
Tuyéres, 322 


Universal indicator, 159-60 
Unsaturated hydrocarbons, 271-3 
Uranium disintegration series, 302-3 
Urea, 123, 258 


Van der Waals’ forces. 217-18. 220 
Vinegar, 161 

Voltage of cell, predicting, 103-5 
Volumetric analysis, 164-7 
Vulcanization, 287 


Washing soda, 134, 176, 190 
Water, 41, 130-4 
Component of air, 114, 131 
Hardness of, 132-4 
Pollution of, 340 


Index 


Properties, 131-2 
Water cycle, 131 
Water gas, 251 
Water of crystallization, 173-5 
Weak acids, 169-70 
Weight, 22 
White phosphorus, 247-8 
Wöhler, F., 258 


Zinc, 207-9 
Compounds, 208-9 
Extraction, 208 
Properties, 207-8 
Reaction with acids and alkalis, 208 
Uses, 208 

Zinc blende, 208 

Zinc compounds 
hydroxide, 209 
oxide, 161, 208-9 
sulphate-7-water, 209 
tetra-ammine, 208-9, 243 

Zymase, 127, 275 
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This book is designed as an introduction to chemistry for anyone who 
wants to acquire a sound basic knowledge of the subject — whether 
tackling it for the first time or for revision purposes; with or without 
teacher support; for a GCSE examination, BTEC First award in science, 
or any other introductory course. 


@ The basic principles are presented in such a way as to make 
the reader think and then learn with understanding. 

@ Many experiments are suggested which can safely be carried out 
at home. More complex important experiments are described in full 
and illustrated so that all processes can be followed in detail. 
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questions. Worked examples are included where appropriate, and 
a selection of examination questions is provided at the end of the 
book. 


For the second edition, the nomenclature has been up-dated and a unit 
on ‘Matter, Society and the Environment’ has been added. 
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